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The National Policy on Education (NPE) 1986 has emphasized the need for 
qualitative improvement of school education particularly in the area of Science 
and Mathematics Education. The Government of India has already initiated a 
number of steps in this direction. The National Council of Educational Research 
and Tiaining (NCERT) has been assigned the responsibility of developing a new 
curriculum and related curricular materials in line with the new education policy 
to serve as a model for the States and the Union Territories to adopt adapt. 

The Council set up an Advisory Committee under the chairmanship of Prof, 
C. N R. Ran, Director, Indian Institute of Science, Bangalore, and Chairman of 
the Prime Minisier’.s Scientific Advisory Committee, for developing instructional 
package in science and mathematics from upper primary to senior secondaiy 
stage. On the advice of the Committee, different writing teams headed by eminent 
scientists were formed. At senior secondary level Prof, Rao accepted the invitation 
of NCERT to work as the chairman of Chemistry Writing Team and to take the 
responsibility of developing curriculum package in Chemistry. The Chemistry 
Writing Team consisted of distinguished Chemistry experts from universities, 
re.search institutes and NCERT, 

The writing team, while developing the present syllabus and the textbook, 
considered the feedback regarding syllabus and textbooks in vogue. After the 
textbook was developed, it was exposed to a teachers’ workshop to have their 
comments and suggestions. Suggestions of the teachers were incorporated, 
wherever possible, before the final manuscript was sent for publication. 

I am indeed very thankful to Prof. C. N. R. Rao, who look the leadership of 
Chemistry team and provided valuable guidance to his team of authors and 
finally edited the manuscript with Prof. K. V. Sane and Prof. R, D, Shukla. I am 
grateful to Prof. V. Kri.shnan, Prof, B. Venkataraman, Prof, K. V, Sane, Prof. S, 
S. Krishnamurthy, Dr M, Nagarajan, Dr K. N. Ganesh, Prof. R. D, Shukla, Dr 
V, N. P. Srivastava, Dr Puran Chand, and Dr B. Prakash who authored 
different parts of the book. My colleagues in the Department of Education in 
Science and Mathematics, Prof. R. D. Shukla (Coordinator) Dr V, N, P, 
Srivastava, Dr Puran Chand and Dr B. Prakash took a lot of pains in shaping 
the manuscript in the pressworthy form and saw it through the press. I am 
grateful to all of them. 
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Director 
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Preface 


In this introductory book, wc have expounded tlie principles of modern 
chemistry in the simplest possible language and also illustrated how chemical 
systems behave and react. More importantly, we have indicated, wherever possible, 

how chemistry works for man. In presenting chemistry 
in this manner, we have adopted several strategies. 
We have given analogies and solved examples; we 
have also shown how principles come about by 
describing simple experiments. The strategy has varied 
with subject matter. We hope to review this book after 
receiving the reaction from students and teachers to 
this trial edition In the meantime, wc hope the book 
will be found useiul by students and teachers whose 
response is of great value to us. 

Chemistry deals with the preparation, properties, 
structure and reactions of material substances. Since 
diver.se sub.stance.s are present in Nature and in every 
day life, the scope ol chemistry is immense. Chemistry 
has interfaces with all scientific disciplines and a 
knowledge of the subject is essential for understanding Nature as well as for the 
progress of society. A well-trained chemist can not only contribute to the growth 
of chemical science and industry, but also to other emerging areas of science such 
as biotechnology and materials science. The future of our society will depend on 
the availability of such chemists. There is no better way to describe the indispens¬ 
able role of chemistry than to quote from a lecture delivered by Nobel Laureate 
George Porter some time ago. 
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PROBLEMS: 

CHEMISTRY 


Throughout hislory, the lol of most of mnnkiml h.is been r.iiher itiivcrublc. Until a few ecniuries 
ago it was really slavery and into the lau ceniury, aliltougli legally tree, nuhi men and women had to 
labour so hard to earn a living dial they were cflecihcly slavc-i lo ilicir work Dilferem professions 
have had different approaches lo this problem, Ah (Nohel I aureate) MaxPerutz has put il "The priest 
persuades ihe humble people to endure their hard Un, the poluician urges ihcra to rebel against it and 
the scientist thinks of a method thni does away with ihc hard lot iiliogciher", 


No branch of science has done more, or promises more, in this respect, than 
chemistry. It has provided a cornucopia of good things, both of necessities and 
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luxuries, which have improved our health, and our wealth and also, I believe, our 
happiness. Man is himself a biochemical system living in a chemical world. His 
health has been improved out of all recognition by better nutrition, better hygiene 
and by the drugs which have doubled his lifespan, relieved pain and made it 
possible for many handicapped people to lead a more normal life. 

His wealth, judged in terms of the general availability of the necessitie.s of life, 
is many times what it was even a few decades ago. This is particularly true of the 
wealth of food now available in countries which, only a few years ago, were poor 
to the point of starvation. 

Most people today would also class as necessities the plastics, fibres and 
paints which have made it possible for everybody to be well clothed (though not 
all may want it!) and to live in a bright, clean environment without having to 
employ the labour of others to keep it so. 

The luxuries, which are also fast becoming universal, often owe a.s much to 
chemistry as to the other technologies. This is obvious of .such things a,s motor 
fuels, cosmetics and dyestuffs but it is also true of electronic devices of every 
kind, and mechanical, labour-saving appliances. Some of the largest manufac¬ 
turers of heavy electrical equipment employ more chemists than phy.sicists and, on 
the newer and lighter side, the silicon chip is a highly purified chemical element 
treated with other elements in a very sophisticated, chemically pure environment. 

But perhaps the most successful of all, over the last two or three decades, has 
been the contribution of chemistry to agriculture. The Green Revolution did 
exactly what the king of Brobdingnag of GuUiver’s Travels had asked for and 
made two ears of corn or two blades of grass grow where only one grew before" 
and those who brought it about, according to the king, “would deserve better of 
mankind and do a more essential service for the country than a whole race of 
politicians put together . This was a proud achievement of chemistry, depending 
heavily on fertilizers and new insecticides, plant growth substances and the like. It 
is a huge industry. The world production of plant food has increased threefold m 
the last 20 years. India is effectively self-sufficient in food. 

We hope that we have succeeded, at least partly, in presenting the flavour of 
modern chemistry m this book. We look forward to the suggestion of students 
and teachers lor improving the text, 

CN.R.Rao 
Chairman 
Chemistry Writing Group 
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AH things are made of atoms. 


OBJECTIVES 

Itv this Unit we shall learn 

* to express the result of a pieasurement to correct significant figures.. 

* the explanation of the terms: element, compound, mixture; laws of 
chemical combination; atomic mass; empirical and molecular formula; 
mole, Avogadro constant, 

* to deduce the empirical and molecular formula of a compound; 

* to write a balanced chemical equation and use it for various 
calculations, 
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The primary basis of chemistry-—like that of all the other sciences is the 
information obtained through experiments An experiment involves observatum n( a 
phenomenon (e.g., melting of a substance, growth of a ciyslul, reaction between 
substances) under controlled conditions. The quantitative aspects ul a phenmnenon 
(e.g., the temperature at which a substance melts, the rate at which a ctsstul glows, 
the amount of energy released/absorbed during a reaction) involve ineasinenu'nt ol 
one or more quantities. All of us are familiar with the measurement ol disi,inccs, 
heights, weights, temperatures, etc. in daily life In chemical science, one needs to 
measure not only these variables but many more like pres.sure. volume, concenuaiion, 
density, etc Let us now consider the process of meusuremcnl and the mannci in 
which the result of a measurement is expressed. 


1 1 MEASUREMENT IN CHEMISTRY 


Every measurement compares a physical quantity to he measiiied with some hxed 
standard, known as the unit of measurement. For e.xample. when we say liuit the 
width of a page is 8 63 centimetres (usually written as K 6.3 cm), we mean that the 
width IS 8 63 times the unit of measurement, which is one centimetre in this cave. 
The width of the page is obtained by using a .scale with ccniimetrc and millimcire 
markings. To express the result of a measurement, two pieces o( mforinatum arc 
required—the number (8.63) and the unit (centimetre). 'I he nieasurcmcnt of any 
quantity in science is based on the same procedure. 

1.1.1 Significant Figures 


When we are dealing with objects which can be counted, wc always get an exact 
answer. For example, one can tell exactly how much money one i.s carrying in a 
purse by counting the notes and the coins. Even when crores of rupees are 
involved—like in a banking operation—it is always possible to lel! the exact amount, 
down to the paisas. Similarly, when we buy eggs, bananas, chairs, etc. we ask for an 
exact number and get an exact number. However, try measuring your height with a 
metie tape or the volume of water in a cup with a measuring cylinder. Though the 
height of a person or the volume of water in the cup are also exact quantitic.v it is 
not possible to measure them exactly. The difference in the two situations'arises 
because whereas eggs are measured by a discrete variable (there can be five eggs or 
six eggs but nothing in between), height is measured by a continuou.s variable (it can 
oe bu cm, or 161 cm or also anything in between). A scale with centrimetre 
markings can only tell that the height is greater than 160 cm and le.S!s than 161 cm. 

if ® millimetre markings, it will be possible to measure to the 

ranahle'^^inTmv h measurement of continuous 

ma to irat measuring appamlus. but no 

^ ’ ^^^ertamly always remains. Lei us sec how the uncertainty 
of measurement is expressed in figures, ^ 
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The foregoing discussion shows that the result of a measurement may be 
absolutely precise (as in counting eggs) or il may have some uncertainly (as in 
measuring a distance) It is useful to include this information in the mode of writing 
of the result Scientists have agreed that a number expressing a measurement will 
include all digits which aie certain and a last digit which is uncertain. The total 
number of digits in the number is called the number of significant figures. In other 
words, the phrase ‘number of significant figures’ refers to the precision of a 
measured quantity, it equals the number of digits wiitlen, including the last one, 
even though its value is uncertain 

Consider some examples Suppose the height of a person has been reportc\l m 
three dilfcrent ways: 160 cm, 160.0 cm, 160 00 cm. Although the thiee ways may 
look equivalent, theii scientific significance is dilfercnl The number ol signilic.ml 
figures m the three eases are thice, four, and five respectively which implies the 
following In the first case (i.c,, 160 cm), the digits 1 and 6 aie certain but I) a. 
uncertain, 0 only rcpiesents the best estimate. The usual conveiuum is that the hi 4 
estimate may be off by :bl. 'Ihus a reported value of 160 cm means that the tru-: 
value lies between 159 cm and 161 cm. (.Such a icsult clearly itnplic.s Ih u the 
measurement has been done with a crude scale) ’Ihe value 160,0 cm has Imii 
significant figuies It icpiesents a number which lies between 159,9 cm and 16(1 i 
cm. Note that in this case the third digit t) is also certain, i.e,, the scale used in this 
case is more preci,se Ihe last value similarly indicates that the tuie iiunibei h. 
between 159.99 cm and 160.01 cm. the scale lor sueli a measurement must he cvcMi 
moic prcei.se. It is important to realise that the icsult of any measurement should 
rctlccl laitlifully the precision ol the measurement lo repoit mine sigmlieant figures 
ih.m is po,ssible to measure m a given situation is misleading; to report less signi¬ 
ficant ligurcs IS suppressing some mformalion wliich can be useful. 

'he tollowing rules should he observed in counting the number of significatii 
figiiies in a given measured quantity. (The same rules should naturally be followed 
when you are expres,smg the result of any measurement). 

1 All digits are significant except zeros at the beginning of the number Ihiis 
161 cm, 0.161 cm, and 0.0161 cm. all have three signilicanl figures 
2. The /CIOS to the right of the decimal point are significant 161 cm. I6l 0 (..n, 
161.00 cm. have three, four, and five significant figures respectively 
The above rules presuppose that the numbers arc expressed in scientific notuiion 
In thiMUHation, every luimber is wriUen as N X 10" where 

N ' a number with a single non-zero digit lo the left of the decimal point 
n an integer 

For example, 160 cm implies three .significant figures but if the measurement is 
precise to only two significant figures, the number should be written as 1.6 X 10‘. 
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Scientific notation is also convenient in writing very large and very small numbeis. 
Avogadro’s constant (6.022 X lO” mof') and Planck’s constant (6.6 X 10 Js) will 
be awkward to write without using the scientific notation 

Calculations involving': significant figures To express the result of an experiment, 
we have to often add, subtract, multiply or divide the numbers obtained in different 
measurements. It usually happens that these different numbers do not have the .same 
precision Common 'eiise tells that when several numbers of varying precision are 
combined (Te ,“added, subtracted, multiplied, or divided) the final answer cannot be 
more precise than the least precise number involved in the calculation. The rules 
given below should be followed to obtain the proper number of significant figuies in 
a,ny calculation 

/Rule 1 : In addition and subtraction, the result should be reported to the same 
'number of decimal places as that of the term with the least number of decimal 
places. f;, r ■ ■ /• 

The rule is illustrated by three examples 


22 2 
+ 2 22 
+ 0.222 


Sum = 24 6 


4.2042 
+ 3 1258 
+ 0.0016 


Sum = 7.3316 


7.21 

12.141 

0.0028 


Sum — 19.35 


In the first sum, all three numbers have three significant figures but 22.2 ha.s the 
least number of decimal places, namely 1 The answer is therefore limited to one 
decimal place In the second sum, all numbers have four decimal places so the 
answer is also expressed to the same number of decimal places. Note that 0.0016 has 
only two significant figures whereas the sum has five significant figures. In the third 
sum, since 7 21 has two decimal places, the answer can have only two decimal 
places 

Similar considerations apply to subtractions as shown by the following examples. 

26.382 5.2748 3.74 

- 8 4593 - 5 2722 ' -0.0016 

Diff. = 17.923 Diff.= 0.0026 Diff. == 3.7r~ 


,n the first difference, the answei is limited to three decimal places whereas in the 
second one, the answer has four decimal places. Note that in the .second example, 
each of the two numbers have five significant numbers but the difference has only 
two significant figures. In the last example, 0.0016 has to be neglected since the 
answer can contain only two decimal places. 
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Rule 2 ■ In multiplication and division, the result should be reported to the same 
number of significant ligurcs as the least precise term in the calculation. 

To illustrate the rule, consider the multiplication ol 51 ('2K (li\e significant 
figures) by 1 31 (three .significant figures). The answer m this case should contain 
three significant figures, i.e., the same number of significant (Igiiics as the least 
precise term. Therefore 51 028 X 1,31 “ 66.H. 

In the same manner, if wc have to divide 0 18 (two significant figuics) by 2.4K7 
(four significant figures), the answer should be expressed to only two significant 

figures, 1 c , 2 ^^^ = 0-022 

It should be realized that the basic requirement underlying the two rules is ihc 
same, namely, that the result of a numerical calculation should have similar precision 
as the least preci.se number involved in the calculation. If in some eases, there arises 
a doubt about the application of the two rules, it is usclul to compare the iclalive 
magnitudes of the least precise number and lhat of the various cluiiccs of the result 
to decide the number of significant figures in the answer. For example, consider 
again the multiplication 51.028 X 1 31. 'Ihe relative precision ol 1,31 [the least 
precise number) is one part m 131 or about 8 parts per thou.sand (usually abbreviated 
as p.p t,). The answer should not be written as 66 84, as it implies a much higher 
precision, namely, one part in 6684 which is about 0 I p.p l, If the answer is written 
as 66.8 the precision is one part in 668, i.e., 1.5. p p.i,, which is similar to the 
precision of 1.31. Hence wc have written the result as 66.8 (Note that iti tins ease 
writing the result as 66 is not wiring as the relative precision is 15 p.p.t, which is 
also similar to the precision of 1.31 Hpwever, in ca.se,s wheie both answers arc 
admissible, the usual practice is to write the tpsult w'ilh the same number of 
significant figures as the least precise number.) 

The presence of exact numbers in an expression does luit affect the number of 
significant figures in the answer. In other words, an exact niimher is considered to 
have an infinite number of significant figures. Thus 

5.28X0.156X3 _ „ . 

0.0428 ' ■ • 

in accordance with Rule 2. 

Rounding off: In each ol the examples given above, one ohlains more figures than 
are significant. Thus 

5.28X0.156X3 
0.0428 ■' 

‘ i 
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In retaining three significant figures, we omitted all numbers following 55.7 because 
the first number to be diopped (i e 3) was less than 5. However, suppose we had the 
expression- 


5.28X0,156X3 

0.0421 


= 56.662803 


The answer in this case will be written as 56.7 because the fii,st number to be 
dropped (i e , 6 ) is greater than 5 This procedure is called ROtlNDlNC OH- U is 
easily summarised as. 

If the figure following the last number to be retained is less than or equal to 5, 
the last number is left unchanged. However, if the figure is greater than 5, the last 
number to be retained is increased by one. 

112 SI Units 


We are used to expressing distance in kilometres, weight in kilograms, and time in 
hours In earlier times, many diflercnt units were used for the .'■ame quantity. I-‘or 
example, distance was expressed m miles, furlongs, feet, etc., weight was measured in 
pounds, seersj chataks, etc It is also common lor different professions to employ 
different units. Thus, jewellers like to use tolas and masim. The use ol a large 
number of units causes complications and confusion. 

As science became quantitative, scientists found the lack of uniformity to be a 
nuisance; they also observed that most of the popular systems weie cumbersome. 
(For example, 1 mile = 1760 yards; 1 yard = 3 Icet; 1 foot = 12 inchesj. In 1791, 
the French Academy of Science devised a simple system, called the metric system,' 
which was soon adopted by scientists throughout the world. As time went byi 
governments also began to see the advantages of the scientific system and more and 
more countries began to adopt this system India went ‘metric’ in 1957. Today, a 
majority of people all over the world use this system. 

The metric system is a decimal system Different units tor a physical quantity are 
related by powers of ten. The different powers arc indicated by prefixes. For 
example, the unit of length is the metre. (Have you heard or seen the 100 metre 
sprint event in athletics?) A smaller unit is cenfjmetie (10'^ metre) and a larger unit 
is ki/ometre (10 metre) Since, 1 metre = 100 centimetres and 1 kilometre 1000 
metres, we can do the interconvcrsion by merely moving the decimal place (276 cm 

2 76 m- 2991 m - 2.991 km). Compaie this with the effort it takes to eonveit 276 
inches to feet or [342 yards to miles 


Although the metric system was quickly accepted by the scientists, it turned out 
n K fiumber of different metric units foi the same quantity came mto use. In 
October 1960, the General Conference of Weights and Measures adopted a particular 
choice now known as the International System of Units. It is popularly known as 
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the SI Units (iillei the f'Veneh cxpressiim /<• Arotv/i liiit'>niiii,truil ii' I I}»' '•I 
Units are now accepted by all scientists evctvuhei'c. 

The SI has seven basic units (lablc I 0 Itoiii which .til uihci umis ,uc (iur.nt 
The standard prclixes, whicli allow us to icdiae oi ciihirgc ihc b.i*.k unus, ,ur yr.vn 
in Table 1.2. 

The units of mass, length, and (iinc aic very lamili.ii '•hkc wt mv ituiK and 
vegetables in kilograms (oi gr.trnsh tepoit heights .md dist.mccs m nicid^ (i<t 
kilometres) and measure durations in seconds (ot mimites, honisi I tie uoa o! 
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temperature is also familiar through measurement of body tcmpciature during illness 
or reading of the daily maximum and minimum temperatures in the newspapers. 
However, we normally use the celsius scale in everyday life (the normal body 
temperature is 37°C, the maximum temperature on a hot summer day in Delhi is 
abovt 40°C and and so on). In the SI Units, temperature is expressed in kelvm (K), 
a unit .amed in honour of the great British scientist. Lord Kelvin. I he conversion 
from the celsius scale to the kelvin scale is achieved by adding 273,15 (or Icss^ 
accurately by adding 273) to the temperature on the celsius scale Thus, 0° C 
corresponds to 273 15 The body temperature on the kelvin scale is approximately 
310 and a temperature of 300K corresponds to (about) 27 C Note that, by 
convention, the symbol (°) is not used to indicate temperatures on the kelvin scale 

1.1.3 Dimensional Analysis 

The seven base quantities lead to a number of derived qaantitics like area, volume, 
pressure, force, etc The units for such quantities are easily obtained by dclining the 
derived quantity in terms of the base quantities using the base mils. Ihu.s, il the 
side of a rectangle is expressed in metres (m), the area is expres' ;d m metres" (m*). 
Similarly, speed (or velocity) is distance/lime. So the unit is . or ms The unit 
for acceleration is ms'^ and of force (mass X acceleration) is kg ms \ Some ol the 
common derived units are given in Table 1.3. 

It is frequently necessary to convert one set of units to another. T he slep-by-stcp 
procedure for doing this is shown below. 

Suppose we want to write 5.0 minutes as seconds (s). We know that 

1 mm = 60s 
1 = 60 s/1 min 


TABLE 1.3 


Some of the Common Derived Units 


Quantity 

Definition of Quantity 

SI Unit 

Area 

Length square 


Volume 

Length cube 

m' 

Density 

Mass per unit volume 

kg mu' 

Speed 

Distance travelled per unit lime 

m/s 

Acceleration 

Speed changed per unit time 

m/s' 

Force 

Mass times acceleration of object 

kg m/s'(=newion, N) 

Pressure 

Force per unit area 

kg/(ni„s') ("-pascal, Pa) 

Energy 

Force times distance travelled 

kg m'/s'(—joule, I) 
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Note that the left hand side is a dimensionless quantity sinee on the rij'hi hand sale, 
time IS divided by time. Now, 

5.0 min 5.0 rnin > I 5.0min ', 100s 

1 mm 

The advantage of writing the units explicitly is clearly seen, I he unit minutes cancel 
in the numerator and denominator leaving hehitui unit seconds. It we liad sviiltcn 
the conversion factor incorrectly, e.g.. 

5.0 ram -- 5.0 min X 1 5.0 min X * 

iVi/ S I s 

the mistake would have been .spotted immediately, 5*nu are atUiscd to write units 
and unit conver-sion factors explicitly so that mistakes are u\ oided 

Many quantities like lorce, pressure, energy, etc. arc commonly defined in terms 
of their own units, which are expressible in terms of the base units, It is important 
to become familiar with these units. It is also important to develop an idea of theu 
magnitude just a.s wc understand how much distance 1 km implies or how much 
time interval is signified by I h 

Force: The SI unit ol force is the newton (IN 1 kgms ')■ lo appicciate the si/c 
of the unit, imagine holding a mass of I kg (about five avetage sued apple,s). The 
force required to hold thi.s is about ION, since d 1 kg is released, it will fall 
downwards with an acceleration of 9.H ms ’ or a force of 9.K kg ms ' ( 9.8NK Itt 
other words, IN is the force needed to hold about UK) g of mass 

Pressure; The SI unit i.s pascal defined us a force of IN applied lo an area of I m' 

A popular unit is atmosphere (atm); 1 atm is equal to lt)I 525 kPa, For rough 
estimates, we can take 1 atm lO'N m To appreciate the si/c of this unit, recall 
that a 760 mm high mercury column exerts a prc.ssure of 1 ami. 

Energy The joule (1 J= 1 Nm) is the SI unit for energy. It is defined as the energy 
needed to push against a force of IN thtough I rn. If wc raise I kg ol mass by ( m, 
we are roughly spending 10 J of energy. Older litcraluie of chemistry quoted 
energies in kcal mol ' (i.c., kilocalories per mole), t he data is easily converted into 
kJmor' by multiplying by 4,184. 

1.2 CHEMICAL CLASSIFICATION OF MATT'FR 

It IS a remarkable fact that the entire universe is made of only two types of entities 
—matter and energy. Matter is easy to recognise as it occupies space and has 
Any number of examples can be given (e.g., hou.se, trees, animals, etc.) since wc are 
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surrounded by material object The idea of energy is more subtle but we can 
experience the effects of eneigy just as easily as we can see matter. Light and heat 
are two of the many forms of energy which are familiar to everyone 

Different kinds of matter are made up of substances. Chemistry is that bianch of 
science which investigates the composition and structure of substances, Linder certain 
conditions, substances undergo a change in composition This is called a chemical 
reaction. The study of reactions is another important part of chemistry 

Materials found in nature aie either single substances or they consist of two or 
more substances. A sample containing only one substance is called a pure substance 
Samples having moie than one substance are not pure, they are usually called 
mixtures. Puie substances are of two types—elements and compounds Mixtures arc 
also of tw^ types—homogeneous an9“herer6geheous Heterogeneous mixtuies are 
those MTTe"”fRe~onFtrtueTiFs^a¥ire~seen‘whereas in homogeneous mixtures, the 
constituents are so well mixed that the constituents cannot be .seen even under a 
microscope and the sample has uniform composition 

THE UNIVERSE 


MATTER ENERGY 


PHYSICAL CHEMICAL 

CLASSIFICATION CLASSIFICATION 

1 

SOLIDS, LIQUIDS 
■ AND GASES 


ELEMENTS COMPOUNDS 

-ASSIFIED ACCORDING 
TO PERIODIC TABLE 


MIXTURES 


inorganic 

COMPOUNDS 


ORGANIC 

COMPOUNDS 



HOMOGENEOUS HETEROGENEOUS 


Fig 1.1 Classification of matter 
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This description is summarised tn I-ig, 11 It is tin- basis nt tlic .hemaT, 
classification of matter Another system of clasMlicitlum useful m eiicmisirs^ n paLiir-. 
matter into' (i) gases, (ii) liquids, and (in) solids. It will be disciisH-d in I ml 


1.2.1 Mixtures, Compounds and Elements 

To grasp the various terms intioduccd so fm, wc need to uiuleist.iml hcisn -Aii.tT -> 
meant by a substance. A suh.stance can be idcrililicd by its piopcr!sc» IhJis » 
substance has a .set of characleiislic propcilies ssluch disiinpuislic'^ si nuns '■■rfi 
other substance Some of the common propeitics ate inclliiut po.iit. bodoj/ p- 
solubility, colour, and odour bor example, pure ssatei is tound to ttnvr .u K 
and boil at 373 K at one almo.spheric presMire; the mctinip point and bodK.p p. tnt 
characterise water since there i.s no other suhstanec with idcntRal laliirs 'sdujJ.uH 
hydrogen .sulphide i.s recognised by its unplcdsani smell, .uu! topper sufph.iti; t'". /<s 
beautiful blue colour. Properties of this type are called physttal pfopt-fLcs s.juc At 
determination of such properties cither the state of the subsiantc docs mu tii.snyx at 
all or only its physical state changes (c.g, water from solid form changes to loiwd 
form during melting) A .substance also exhibits another type ol [»ropcm tailed 
chemical property, In which the substance undctgocs a change m its mmposuton 
Some examples are: sugar chars on heating, water decomposes on p,i*s,igf oj 
current, iron rusts. Tn .summaiise, everyMihsiancepti.wvt.tt's t hurijiiffriximphiM^a!ami 
chemical pronerHes whtrh irle’Uifv tf>r tuhiiamt’ nud ow 

substancefrc" 

Most of the materials "which sve commonly encounter arc not pure Mjhss.iroT'. hwl 
mixtures. Sod^ stone, wood, air, water, milk, kerosene, cie,, arc all rnixluics, 
i.e. they contain more than one substance. Properties ol a mixture arc depcmlenl on 
the nature and the amount of the constituents. You can pcrlorm a simple expertmem 
with water to understand this fact. 


Experiment- Taste a sample of tap water, la.ste the sample again alter boiiui}; t! ii>} 
a few minutes. Notice the ‘flat’ taste of boiled water. On adding sugar oi \itU. !.ic 
solution will taste sweet or salty. Further, the extent of sweetness ut siiltinc-.s wtl> 
depend on the amount of .sugar/.salt added to water. We conclude that the piopcrt 
of a mixture are governed by its conslilucnls and that the piopcrtws arc siin.i 
because the composition (i.c., the relative amount of the constituents) of a misti 
can be varied, 

A salt solution is an example of a homogeneous solution because although the 
composition can be varied the composition of a given sample is uniform (Drops «l 
such a solution, taken from different parts, will taste the same.) Another point to 
note is that we cannot see the salt in the solution with the naked eye or even uniler 
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a rniqroscope Homogeneous solutions occur in solid and gaseous states also IIu' 
gold used foi making jewellery is a .solid .solution ot gold with vopfH'r cir Mhm while 
air IS a gaseous solution 

The constituents of a heterogeneous mixture arc not dislriFiutcd uniforrnlv I he 
properties and the composition of such mixtures me therefore non unilorrn In some 
mixtures like concrete, the different constituents like sand and cement can he seen 
Lith the naked eyfe However, though milk seems homogeneous tt is aetuallv a 
[heterogeneous mixture Undei a microscope, small droplets o( tat can he seen to be 
/'suspended m a clear liquid. ' 

Separation of a mixture. How do we know that a given sample is a mi-Xturc ot a 
pure substance? If we boil a salt solution, it will be observed tiiai (be boiling 
temperature wdl not remain constant. This happens because as water esapoValcs. the 
composition of the mixture changes and hence its boiling lemperaitirc also thanges, 
However, if a sample of pure water is boiled, the boiling point lemaiiis cunstani 
because evaporation of water causes no change in the composition ot the Irvfuid left 
behind. This shows that any of the characteristic piopcrtics ul a subsiantc cart he 
used to establish whether the substance is pure or not. If a .siibstanec is not ptuc, 
how can it be purified? (i.e., how can a mixture be .separated'’) Once again the 
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characteristic properties provide the clue. In a salt solution, the boiling points 
water and salt arc very different. The water can therefore be cither boiled off 
distilled leaving the salt behind. Similarly, a mixture of salt and pepper can 
separated by utilising the fact that salt is soluble in water whereas pepper is n 
Dissolution of the mixture in water followed by filtration will yield pepper on I 
filter paper and salt solution in the beaker. This salt can be recovered by boili 
away the water. In this case, we have used the difference in solubility to effect \ 
separation 

Separation (i.e., purification) is an important operation in chemistry. Ev( 
chemist who uses materials in the natural form has to employ one or more separati 
method to purify the materials. Since no two substances have all properties identic 
some method can always be devised which takes advantage of the difference in c 
particular property. The examples given above used filtration (based on the differei 
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in solubility) and distillation (based on 
more cominon methods for separation 
are; 


Fractional Distillation- Simple 
distillation, described earlier, is use¬ 
ful when the boiling points are far 
apart. When the components of a 
mixture boil within a narrow range 
of temperature the technique of 
fractional distillation is employed 
Crude petroleum is separated by 
this technique into different frac¬ 
tions like gasoline, lubricating oil, 
kerosene, diesel, etc. 


Extraction: Water can be used to 
extract salt from a mixture of salt 
and pepper because salt is soluble 
but pepper is not When we make 
coffee or tea, water extracts the 
flavour from coffee beans/tea 
leaves. Similarly, alcohol is used to 
extract vanillin (vanilla flavour) 
from vanilla beans. 


Gravity Separation- Differences in 
density is the basis of this method. 
Wheat harvesting (the light chaff is 
blown away leaving behind the 
denser wheat grains), detergent 
action (soap bubbles surround the 
dirt on skin/clothes and float them 
away), and panning of gold (high 
density gold grains settle at the 
bottom) are some common 
examples. 


the difference m boiling pointM utiich arc the 
of a mixture Some other common mcthocK 
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Magnetic Separation .Since irnn ore i,s magnetic, it is separated from non-magnetic 
waste material by tiMng a magnetic field. 

In addition to the above methods, a large number of other mcthod.s are also 
used. Some of these arc. chromatography (difference in distribution between a 
.stationary and a moving phase, details in Unit IS), electrophoresis (difference in 
electrical mobility), ultracenlrifugation (difference in .sedimentation velocity in a 
centrifugal field), countercurrent distribution (difference in distribution between two 
immiscible liquid phase) You will .study these methods in advanced classes. 



Fl|. 1.2(d) Chromatography 

Elements and Compounds:.Onee a pure substance has been isolated, the question 
how to decide whether it is an element or a compound arises. This question proved 
very baffling in the history of chemistry; the inability to answer it delayed the birth 
of chemical .science until the latter part of the eighteenth century. 

The breakthrough wa.s made by the great French chemist Antoine Lavoisier who 
is rightly regarded as the Father of Chemistry, Lavoisier showed how weighing of 
substances before and after a chemical change can become a powerful method ol 
understanding many chemical phenomena which had been baffling until then 
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ANTOINE LAVOISIER (1743-1794) 


Antoine Laurent Lavoisier iS-Efilierallv 


rega^ed^as thc_Eaital.sLS^^ 

' f ■ 

The son of a wealthy French lawyer. 

J 1 Jar' 

Antoine graduated in law but chemis¬ 


try fascinated him Lavoisier devoted 

his entire life to the study of a variety of 


chemical phenomena He was perhaps 


the first leading chemist to appreciate 

the importance of quantitative measure¬ 

oIl .II d 

ments. He arrived at the law of con¬ 


servation of mass by careful weighing 

If 

of reactants and products in a chemi¬ 


cal reaction. Lavoisier was intrigued 

by the phenomenon of combustion 
and he made many discoveries which 



explained the nature of combustion. Lavoisier established that air consists 
of oxygen (supporter of combustion) and nitrogen (non-supporter of 
combustion). This great son of France was ironically a victim of Ihc 
French Revolution dunng which he was arrested and guillotined. The 
famous mathematical physicist M, Laplace who was a contemporary of 
Lavoisier commented, “It took a minute to behead Lavoisier but it will 
take thousands of years to make a head like that.” 


To understand Lavoisier’s reasoning, consider the following reaction which is easily 
studied in the laboratory 

mercuric oxid^ = mercury. + oxygen 
lOOg 92,6g 7.4g 

It IS observed that mercury (a silver white liquid metal) on heating in air is 
converted to red mercuric oxide. If mercuric oxide'is heated more strongly, it is 
cortVerted back to mercury. The measured weights show that the weight of mercury 
IS less than the weight of mercuric oxide. This implies that mercuric oxide is a 
compound since it can be broken down into something simpler. It should be 
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understood that the weight of a .substance is being used as a criterion of simplicity. 
If the weight of a .■nihsiancc decreases because of a chemical reaction, then the 
reaction has caused a break-up oi the oiiginal .sub.stance. The original substance 
must therefore be a compound. 

However, the above reaction cannot decide the nature of either mercury or of 
oxygen. If some reaction can he carried out with mercury ,so that the weight of the 
pioductfs) is lc.ss than the weight of mcicury. then reaction has succeeded in 
breaking up mercury, and mercury will also be regarded as a compound. However, 
no one has reported any such reaction .so far The inability to break up mercury 
further indicate.s that mercury is an element. 

It IS natural to question thus way of deciding whether a substance is an element 
or not. Just because no reaction has been found until now which can disintegrate 
mercury does not mean that such a reaction cannot be found later. If someone ts 
able to perform .such a reaction in future, will it not disprove the statement that 
mercury is an element? This objection is certainly valid. In fact, in the early 
development of chemistry, there were many instances when a substance thought to 
be an element turned out to be a compound because a reaction was discovered 
which could break it up For example, water was classified as an element until Sir 
Humphrey Davy .succeeded in decomposing it by the passage of an electric current. 
Similarly, lime wa.s regarded a,s an element until it was observed that it breaks down 
in a high temperature electric furnace. It is true, therefore, that such an approach 
cannot decide with complete certainty that a substance is an element. However, an 
alternate approach has become possible with the development of the atomic theory 
to be discus.sed later in this Unit. For the present, it may be stated that an elemwt is 
[,,now dcFncd as coruaininp onjj', tui£..k,HKi of-ttttrms aiTd'a hOmpauixd.is*suHtahec- 
. cout.i.u'i’.g moiL tlM'i (Mil- kmd of jliMns.„ft-ls.~po!>sible to use this criterion in an 
junambiguous way. AirTRe''^re substances can thus be classified into elements and 
Compounds and there is no doubt now which substance is an element and which is a 
compound. 

It IS a remarkable fact that the entire universe is made frorr about.100 dements 
only. Of these 'H aie Imiml in j.ne rcsl are. ni.m-.nude li'C clcrrc'ii.s 

serve as the buihlirig-biocks ol all matte:, 'le ciioimou's vaneis wlrcli we '■ce art'iiiid 
us arises because elements combine in many ways to form different compounds. The 
situation is like in a language. For example, English has an alphabet of only 26 
letters which are the building-blocks of the language. However, an endless number 
of words can be formed by combining the letters. Just as the vowels a, e, i, o, u, 
occur more frequently than the consonants, some elements like carbon, oxygen, 
nitrogen, hydrogen, form more compounds than the other elements. Indeed, com¬ 
pounds of carbon are such a large and special class, that an entire branch of 
chemistry, called organic chemistry, is devoted to the study of carbon compounds, 
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HOW IMPORTANT IS THE DISCOVERY OF ATOMS ^ 

Professor Richard Feynman, the Nobel Prize wnncr from ILS.A., has 
said: 

If, in some cataclysm, all of scientific knowledge were to be dwiroyed 
and only one sentence passed on to the next generation of creatures, 
what statement would contain the most information in the fewest 
words? I believe it is the atomic hypothesis...that adl things^ arc made 
of atoms... In that one scntencc—lhcrc is an enormous amount of 
information about the world if just a little imagination and thinking 
are applied. 


1.3 LAWS OF CHEMICAL COMBINATION AND DALTON'S 
ATOMIC THEORY 

Reactions are the essence of chemistry. Extraction of mclab, refining of oib, 
preparation of drugs, are all dependent on the chemist’s ability to carry out different 
types of chemical reactions. The study of reactions is one of the important areas of 
chemistry. There are many aspects to a reaction like the rate of reaction, energy 
absorbed/evolved during a reaction, mechanism of a reaction, etc. These topics will 
be discussed in different Units. In this section, we will look at the weight and 
volume relationships in a chemical reaction. From a historical point, this topic was 
of the greatest importance since it led to the formulation of our present concept of 
atoms and molecules.. 

The atomic theory of matter is difficult to grasp because atoms cannot be seen. 
The existence of atoms is inferred by reasoning. Many of the arguments are subtle; 
understanding them therefore requires a lot of effort. However, since all miHiern 
science is based on the atomic concept, it is important that every attempt should be 
hiadc to grasp this concept as thoroughly as possible. It is interesting to note that 
whereas physics and biology made a fmr progrcs.s without knowledge of atoms, 
chemistry could not even begin until the atomic hypothesis was lormulatcd, T he 
laws of chemical combination are important because they provided the first sciemtfic 
evidence for the existence of atoms. 

1 3.1 A Simple Analogy 

Because the atom is such an abstract idea, it will be useful if wc begin by 
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analysing a problem where we can see, handle, and weigh objects. The reasoning 
that we develop cun he transferred to chemical phenomena even though we cannot 
sec, handle, or weigh individual atonw. 


JOHN DALTON (1766-1844) 


John Dalton, the son of a poor weaver, 
was horn in Cumberland, 1 ngland He 
began his hlclong career as a teacher at 
a village school when he was only 
twelve Seven years later he became a 
school principal. In 179J he left (or 
Manchester, to teach mathematics, 
phy.sics and chemistry at a college. He 
soon resigned from this post since 
teaching duties interfered with his 
scientific studies. Dalton never married. 

He lived a very simple and modest life 
even after he became famous. From 
bis early years to his death, Dalton carefully recorded the meteoric data 
each day; temperature, pressure, lime, amount of rainfall and so forth. 
Dalton suffered from protanopia, an inability to see red at all. Much to 
his amusement this sight defect became known as ‘daltonism’. 

Dalton put forward the atomic theory in 1803. He proposed that 
compounds were formed by (he combination of atoms of different ele¬ 
ments in small, whole number ratios, but had no certain method for 
determining the ratios in which the different atoms combine, When only 
one compound of two elements A and B was known, he assumed that it 
had the simplest possible formula, AB. For example, he assumed that the 
formula of water is OH, He deduced relative atomic masses, on the basis 
of this type of assumptions. He was the first to publish a table of relative 
atomic masses. Since his assumptions about formulas of compound were 
not always correct, there were errors in his table which were corrected 
only in 1858, Nevertheless, the credit must go to Dalton for first putting 
the atomic theory on a quantitative basis and for laying the foundation 
for the rapid development of chemistry. 
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Consider the following problem (sec Fig 1.3). 

# Q 

A B 


•o 

c 

OP 

AB 

AiB 

BjA 

ft 

CjD 

c£> 

AB 

AjBj 

Abj 

1.3 Some 

of the possible combination: 

r of balls . 


Set 1 contains several identical small balls Ac^ch weighing 1 g. 

Set 2 contains several identical medium balls B each weighing 5 g. 

Experiment I Suppose the balls have hooks such that A-type balls can be joined to 
the B-type to form a combination system AB. What mass relationships will be 
observed between A, B, and AB? 

(a) It is clear that if one A and one B arc taken separately, the sum of their 
masses is 6 g. The combination AB will also weigh 6 g. If we combine 
two As with two Bs to obtain two ABs, the mass before the combination 
will be ,12 g and the mass after the combination will also be 12 g. In 
other words, the mass before and after the combination remains the same 
as long as no additional balls are either added or taken away during the 
combination process. We will call this result the LAW OF CONSERVATION 
OF MASS Since it expresses the fact that mass neither increases nor 
decreases during the combination process. 

(b) If we take one AB (which weighs 6 g) and pull it apart, it is found that B 
(which weighs 5 g) contributes 5/6 X 100, i.c., 83.33% of the mass, and 
A (which weighs 1 g) contributes 1/6 X 100, i.c., 16,67% of the mass. The 
same ratio is obtained with any AB type of combination system, litis 
observation may be stated as the LAW OF CONSTANT COMTOStTlON which 
expresses the fact that the mass ratio of the constituents is the same in a 
combination system no matter which sample is analysed. 


Experiment n Suppose that in addition to the system AB, it is possible to join two 
balls with one B ball to yield another joint system AiB. What mass 
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relationships will be observed between A, B, AB, and AjB? 

It is easy to verify that the law of consci-vation of mass and the law of 
constant composition arc both true for the following processes: 

A+B ~ AB 
A+A+B-ArB 

I In addition, an interesting regularity is found if we compare the mas.ses of B m 
T aB and AjB which combine with a fixed mass of A. Taking 1 g of A as the 
reference, it is found that 5 g of B is needed in AB but only 2.5 g is needed in 
AjB, The two masses of B (i.e., 5 g and 2.5 g) are simple multiples of each 
other (i.e., 2:1). This observation will be called the law of multiple 
PROPOR'IIORS (Carry out similar calculations for different combinations like 
ABj, AjB, etc. shown in Fig. 1.3. Verify that masses of B in all these cases, 
which combine with a fixed mass of A, arc related to each other as simple 
multiples), 

If you analyse the logic of the above examples, it will be obvious that the three 
laws are straightforward consequences of only two features’ 

(i) that the balls do not fragment during the association and the dissociation 
process, and 

(ii) all the A type balls arc identical and so are the B.typc balls 

It follows that as long a.s these features arc valid, the three laws will be followed. If 
we use identical grains of wheat and rice, or identical stones and marbles, the laws 
will be obeyed; it docs not matter whal the weights of the identical objects ate. In 
short, the crucial requirements for the laws arc discreteness and identity. 

If we arc dealing with objects which can be seen and handled, the discreteness 
and identity arc visible. In such cases, establishing the laws by weighing can always 
be carried out but the lope of the argument is so clear and simple, that we can 
abcept the result even without doing the ‘experiment’. At the level of atoms and 
molecules, nothing is visible. We have, therefore, to rely on indirect evidence. The 
greatness of Lavoisier’s work lies in the fact that he showed that weighing of 
substance is a powerful way of studying chemical behaviour. The greatness of 
Dalton’s work is that he showed that since the regularities observed in mass relations 
are like the three laws given above, it suggests discreteness and identity at the 
invisible level. The idea that atoms exist was thus born. 

1,3,2 Expaimtsitel Risls for the htm of Chcrakal ConMiution 

Let us begin by looking at some experimental facts. Chemical reactions show a 
baflling variety. Different substances react under different conditions to yield 
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different products Such a vast study would be a hopeless task unless we found some 
patterns It turns out that mass relationships between reactants and products show 
some beautiful regularities which are obeyed by all chemical reactions. 

1 ‘(i) Law of conservation of mass: In every chemical reaction, the mass before 

j, and after the reaction is the same 

‘ (ii) Law of constant composition. All pure samples of the same compound 
contain the same elements combined in the same proportion by mass bor 
example, a pure sample of water, irrespective of the source, always yields 
on decomposition 88,89% by mass of oxygen and 11.11% by muss of 
hydrogen 

(iii) Law of multiple proportion: Copper and oxygen combine to form two 
oxides, the red cuprous oxide and the black cupric oxide. If pure samples 
of the two are analysed for their copper and oxygen contents, it is found 
that in the red oxide, 8 g of copper are present for every gram of oxygen 
(ie, the mass ratio of copper to oxygen is 8:1), but in the black copper 
oxide, only 4 g of copper are present for every gram of oxygen (i.c., the 
mass ratio is 4;1), The amount of copper that combines with I g of 
oxygen in the first case (i.e., 8 g) is a simple multiple of the amount that 
combines in the second case (i e, 4 g). Such simple ratio,s arc always 
observed whenever two elements form more than one compound. 

Recall now the two simple experiments discussed in section 1.3.1. It was' .shown 
there that a combination process involving objects (namely balls) which are discrete,, 
unbreakable, and identical, yield the law of conservation of mass, the law of constant 
composition, and the law of multiple proportion. The same three laws are found to be 
obeyed m all chemical processes The inference from this observation s'hould be 
obvious. It is that matter consists of discrete particles (atoms) which do not break up 
during a chemical transformation. Further, atoms of the same clement are alike. And 
finally, formation of compounds from elements indicates that two or more atoms join 
together to give combination systems (molecules). 

Gay-Lussacs Law. In addition to mass relation.ships described above, chemical 
'reactions between gases show interesting volume relationships. This was discovered 
by the French chemist, Gay-Lussac who found that the volumes of the reactants and 
products in a large number of chemical reactions are related to each other by small 
integers, provided the volumes are measured at a common temperature and pressure. 
For example, in the reaction of hydrogen gas with oxygen gas to produce water 
vapour, it was found that two volumes of hydrogen and one volume of oxygen will 
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give two volumes of water vapour. CJa>-Lussac's drscuvcry of integer ratios in 
volume relation,ships is actually the law of definite proportions by volume. The law 
of definite pioportions stated earlier was with respect to mass 

1.3.3 Dalton’s Model of an Atom 

John Dalton, an English .school teacher in Manchester. wa,s the fir.st scienli.st who 
suggested in 1804 that the lasvs of chemical combinatioiv point to the cxi.stence of 
atoms. His idea.s can be .summari.sed as follow.s; 

(i) Atoms of a particular element are all alike but dilicr from atom.s of 
another element. This feature is suggested by the fact that different 
elements have different behaviour but dilfcrciit samples of the same 
element have the same behaviour. 

(ii) An atom of an clement has a fixed mass. This is suggc.sted by the fact 
that a fixed quantity of an element (which must contain a fixed number 
of atoms) has a fixed ma.ss. 

(iii) Atoms are indestructible, i.e. they can neither be created nor be dc.s- 
troyed 

The first postulate of Dalton along with the fact that there are about lOO 
elements, means that there arc only about ICO di.stinct lyM.s of atom.s. How can we 
then explain the existence of millions of compounds? V^po.siulate that the smallest 
unit of a compound i.s not individual atoms, but a group of utoms. The name given 
to such a group of atoms, capable of independent existence, is molecule. 

We have formed, at this stage, a picture of the structure of matter in terms of 
atoms and molecules. .Such a picture immediately rai.ses a number of que,stitms. If 
atoms have mass, how can we determine it? Do atoms have a shape? Are they like 
spherical balls? What is inside the atoms? What is the si/c of atoms? Why and how 
do atoms combine to form molecules? How arc the atoms arranged in molecule? 
The questions can go on and on In trying to solve one mystery, wc have created 
many more. This is one of the characteristics of science. Solution of the one 
problem very often gives rise to new problems which are more complicated and 
more puzzling than the original problem. This may look like discouraging situation 
to some, but to those who love to understand natural phenomena, nothing could be 
more exciting. 

In about the last two hundred years since Dalton, chemists and physicists have 
been raising qucstion.s of the type given above. The knowledge obtained so far 
shows that the atomic molecular view is correct but some modifications in Dalton^ idea 
of atoms and molecules are necessary. For example, the discovery of isotopes (atoms 
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of an element with different masses) has shown that the atoms of the same elcmcnl 
are not alike. Similarly, the discovery of nuclear reactions has made it possible to 
transform mass into energy Atoms, therefore, cannot be regarded as indestructible. 
However, in chemical reactions (as against nuclear reactions) only a negligible 
amount of mass is transformed into energy. We thcrclore continue to consider 
atoms as indestructible as far as chemical reactions are concerned. In subsequent 
courses of chemistry and physics, we shall be learning more and more about the 
fascinating story of atoms For the time being, we shall concentrate on the first 
question, namely, ‘If atoms have mass, how can we determine it?’ 

1.4 ATOMIC MASS 

It IS clear that since individual atoms cannot be seen and isolated, we cannot directly 
weigh an atom The mass of an atom therefore must be obtained indirectly If we 
take a sample of an element large enough to be-weighed and also count the number 
of atoms in it, we can find the mass of a single atom by dividing the total mass by 
the number of atoms, Unfortunately, there was no direct way available to count the 
number of atoms, so this method was also not practical The problem .seemed 
hopeless until a solution was suggested by the Italian chemist, Amedeo Avogadro in 
1811 . 

Avogadro’s hypothesis: Suppose wc have equal volumes of two gases (.say hydrtigcn 
and nitrogen) m two flasks and weigh them at the same temperature and pressure 
We will find that the masses are different. The following explanations can be 
proposed to explain this observation (a) There are different numbers ol particles 
(atoms or molecules) in the two jars but the particles of hydrogen and nitrogen have 
the same mass, (b) The mass of a particle of hydrogen is different from the mass of 
a nitrogen particle but the number of particles in the two flasks is the .same, (c) The 
mass of the particles as well as thcir numbers are different These three pos.sibilitics 
are shown in Fig I 4 (a,b,c ) 
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Avbjj.idru m.uic :in mspircd gues^ tliat ihe second possihi[u\ (b) is the correct 
one, He rcjecled the fust one as it seems unlikely that the particles ol dittciem gases 
should has'e the same mass. He rejected the thiid one heciiuse it was the nuist 
complicated explanation (A scientist, as everybody else, likc.s a simple solution). 

Ihe .statement that equal volumes of all ga.se.s at the .same,,t£njB.crature and 
pressure contain cntMi number of p-<r*'-;es i-, called Avi>g.,d.M‘s Ihp.,thesis, Ihis 
idea iv n a I'.uc.-is o.i il.c p.m o; Asogudf,', t'ul 'iitci ’have fully 

confirmed it. 


The volume relationship ob.scrved in the reactions involving gases can be made 
to yield new information in the light of Avogadroly hypothesis hot example, if is 
known that at the same temperature and pressure. 


1 volume of oxygen f 2 volumes of hydrogen 2 volumes ol water vapour 
If equal volumes contain an equal number of particles and il a unit volume has n 
panicles then the above equation can also be written as, 


n particles of oxygen + 2n particles of hydrogen 2n particles of water vapour 


or 1 particle of oxygen + 2 particles of hydrogen “ 2 panicles of water vapour 

This means that 1 particle of water contains 1/2 particle of oxygen. If the 
panicle of oxygen is an atom of oxygen, this would mean that an atom can be 
subdivided. But the main point of atomic theory is that the atom is the smallest 
particle and hence cannot be broken further, i.c., atoms are indestructible. There it 
one way out of the difficulty. Suppose the Ear.ticlfe,.oi:.,OJtjf itcn i.s nu t a .single atom 
but . a Q ntai n ,s.,,. t w, a ,a fo* ) ai8 .. w«Mk 4;, no r mal ,, a , m di iin n.s. There is noconte 
Dalton’s and Avogadro’s ideas, be cause half particle of oxygen would m ean a single 
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atom and r mt half atom We have earlier called groups of atoms as molecules I he 
aHovTana^^islho-ws that the individual particles of oxygen gas aic molecules, each 
molecule containing two oxygen atoms. (Some ol you may object that the above 
analysis does not prove that oxygen molecule must ncce.s.sarily contain two atoms 
but it only proves that the number of atoms must be a multiple ol two I his 
objection is certainly true. In the beginning, the choice of two atoms svas made 
because it was the simplest possibility. Later developmeni.s have proved that this 
choice IS correct.) 

The volume data of the hydrogen-chlorine reaction .showed m a similai I'ashion 
that the hydrogen molecule is also diatomic, i.e., it contain.s twt» atoms The 
hydrogen-oxygen reaction can now be rewritten as 


1 molecule of oxygen -1- 2 molecules of hydrogen - 2 molecules of watci vapour 
That is. 


Ol + 2Hi = 2 H 2 O 


The formula of water molecule must therefore be H 2 O, 

We have earlier seen from the experimental study of the decomposition of water 
that 88.89% of its mass is due to oxygen while 11.11% is due to hydrogen, i.e., mass 
ratio of oxygen and hydrogen is nearly 8:1. The formula HjO for water .shows that 
in every molecule of water there are 2 atoms of hydrogen and I atom of oxygen. U 
follows therefore that an atom of oxygen is 16 time.s heavier than an atom of 
hydrogen. This method cannot give the absolute mass of a hydrogen atom or of an 
oxygen atom but it does give their relative masses. A more accurate analysi.s shows 
that if the hydrogen atom mass is taken as one, then the oxygen atom mass is I.*! 88, 
It should be clearly understood that these numbers are only relative to each other 
and therefore they do not tell us what the mass of a hydrogen atom i.s in grams or 
ounces or any other unit. For example, suppose we are told that Ram’s height is 1.1 
times Shyam’s height NoN^ 1,1 is a relative number, i.e., a ratio; it tells us nothing 
about what the actual height of Ram or Shyam is. However, if we are also told that 
Shyam is l.SOmtall, then we can at once say that Ram is 1.65m tall. 


WHAT ARE ISOTOPES? 


Dalton assumed that the atom is indivisible, but the discovery of the 
electron in the late nineteenth century showed that an atom has an 
internal structure. We will study details of the atomic structure in Unit 4, 
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Following Dalton’s pioneering work, the Italian chemi'^t StaniMau C'Hnm/afo 
made systematic use of Avogadro’s hypothesis, Ctay-luwacs law and the vapour 
density data to determine a large number of relative atomic masses In this stheme, 
hydrogen was taken as reference and assigned the arbitrary value ol i U was 
observed that if, instead, oxygen was taken as the reference amt assigned ihc sahie 
of 16, then the (relative) atomic masses of most of the other elements came very 
close to whole numbers. Because of this convenience, oxygen was adoptesl as the 
standard. The modern atomic raa.ss scale, adopted in 1961. is based ort carhori-12 
standard. 


The accurate determination of atomic masses is now done with an instrument 
called MASS SPECTROMETER.* This instrument, invented early in this century, 
determines atomic masses from the deflection of atomic ion,s in electric ami magnetic 
fields. Using the mass spectrometer, it was observed that most dements consist of 
atoms of more than one mass, i.c., they consist of IHUIOPFS (see Unit 1 for lurlher 
discussion of isotopes). Isotopes are atoms of the same dement having diffctcni 
masses. NajuLa!lyLmaiixlng.naidimUi^^ culled carhoEL-Jl, 

,and carbomdiJMjno^ a.ssigns a mass of 12 .atomic 

,mass units to the carbon-’? isotope ONr ATOsUTMT^'wxr^^ is 

I cmia Ki one (oyciith oi :lie;iiii‘;s >' cnc .-.ii r>i.i, 1 2 .itoiti, .Najj^rally occurring carbon 

atom in such a sample is 

12 oil amu. The average atomic mass for a naturally occurring element, expressed 

m atomic mass units, is called its ATOMIC MASS, Table 1.4 gives the atomic masses 
of elements. 
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fABLLI 4 

Atomic M«m« of f.lemenli referred to "C - 12 0000 


fhntcnl 

Symhiil 

Atomic 

A limiw 

Flemcni 

Symbol 

Atomic 

Atomic 



Niimhcr 

Mass 



Number 

Mass 

Actinium 

Ail 

h9 

(227) 

Mercury 

Hg 

80 

200 6 

Aluminium 

A1 

I.T 

27 0 

Molybdenum 

Mo 

42 

95.9 

Americium 

Am 

95 

(243) 

Neodymium 

Nd 

60 

144 2 

Antimony 

Sb 

51 

121 k 

Neon 

Nc 

10 

20.2 

Argon 

Ar 

Ik 

19 9 

Neptunium 

Np 

93 

237 0 

Arsenic 

As 

Tt 

74 9‘ 

Nickel 

Nl 

28 

58,7 

Asl.ilirie 

Al 

85 

(210) 

Niubium 

Nh 

41 

92,9 

liurium 

Ha 

56 

137 3 

Nitrogen 

N 

7 

14 0 

Hcrkcliurn 

Bk 

97 

(245) 

Nobclium 

No 

102 

(254) 

Dciyllnim 

Be 

4 

9 01 

Osmium 

Os 

76 

1902 

Bismuth 

Bi 

K.1 

209 0 

Oxygen 

0 

8 

16,0 

Boron 

B 

5 

10 K 

Palladium 

Pd 

46 

106.4 

Bromine 

Br 

15 

79 9 

Phospbnrus 

P 

15 

31,0 

C’atlnrmm 

Cd 

4k 

1124 

Platinum 

Pi 

78 

195,1 

Caesium 

Cs 

55 

112 9 

Plutonium 

Pu 

94 

(242) 

Calcium 

C.1 

20 

40 1 

Polonium 

Po 

84 

(210) 

Californium 

Cl 

98 

(251) 

Potassium 

K. 

19 

39 I 

Carbon 

(■ 

6 

12,0 

Pra.scodymiuni 

Pr 

59 

1409 

Cerium 

C*c 

5k 

(40 1 

Promethium 

Pm 

61 

(145) 

Chlorine 

(1 

17 

.15.5 

Proiaciinium 

Pa 

91 

231.0 

Chromium 

Cr 

24 

52 0 

Radium 

Ra 

88 

226,0 

Cobalt 

C‘o 

27 

58 9 

Radon 

Rn 

86 

(222) 

Copper 

Cu 

29 

63 5 

Rticnium 

Re 

75 

186.2 

Curium 

C’m 

96 

(245) 

Rhodium 

Rh 

45 

102,9 

Dysprosium 

Dy 

66 

162 5 

Rubidium 

Rb 

37 

85.5 

Einsteinium 

ts 

99 

(254) 

Ruthenium 

Ru 

44 

101 1 

Erbium 

F.r 

6H 

167 3 

Samarium 

Sm 

62 

150,4 

Europium 

lui 

63 

152 0 

Scandium 

Sc 

21 

45 0 

Fcrniium 

Fm 

100 

(254) 

Selenium 

Se 

34 

79.0 

Fluorine 

F 

9 

19.0 

Silicon 

Si 

14 

28.1 

Francium 

Fr 

87 

(223) 

Silver 

Ag 

47 

107.9 

Gadolinium 

Gd 

64 

157.3 

Sodium 

Na 

11 

23,0 

Gallium 

Ga 

31 

69.7 

Strontium 

Sr 

38 

87.6 

Germuimim 

Ge 

32 

72.6 

Sulphur 

S 

16 

32,1 

Gold 

Au 

79 

197.0 

Tantalum 

Ta 

73 

180.9 

Hafnium 

HI 

72 

178 5 

Technetium 

Tc 

43 

98.9 

Helium 

He 

2 

4.00 

Tellurium 

Tc 

52 

127.6 

Holmium 

Ho 

67 

164.9 

Terbium 

Tb 

65 

158.9 

Hyd rogen 

H 

1 

1.008 

Thallium 

Tl 

81 

204 4 

Indium 

In 

49 

114 8 

Thorium 

Th 

90 

232 0 
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TABLE I 4 (Coniit) 


Element 

Symbol 

Atomic 

Number 

Atomic 

Mu^s 

Elemeni 

,\yi>ihol 

Aiiwiic 

Number 

Aiomti 

Iodine 

I 

53 

126 9 

Thulium 

T m 

69 

168 9 

Indium 

Ir 

77 

192 2 

Tin 

Sn 

50 

1187 

Iron 

Fe 

26 

55 8 

Titanium 

Ii 

22 

47 9 

Krypton 

Kr 

38 

83 8 

Tungsten 

W 

74 

183,8 

Lanthanum 

La 

57 

138 9 

Uranium 

U 

92 

2380 

Lawrencium 

Lr 

103 

(257) 

Vanadium 

V 

23 

50 9 

Lead 

Pb 

82 

207 2 

Xenon 

Xc 

54 

1313 

Lithium 

Li 

3 

6 94 

Ytterbium 

Yh 

70 

173 0 

Lutetium 

Lu 

71 

175 0 

Yttrium 

Y 

39 

88 9 

Magnesium 

Mg 

12 

24 3 

Zinc 

Zn 

30 

65 4 

Manganese 

Mn 

25 

54 9 

Zirconium 

/r 

40 

91 2 

Mendelevium 

Md 

101 

(256) 






Numbers in parentheses give the mass number of the most stable isotope 

It Will be useful to recollect the logic of the mole concept The mass of an 
oxygen molecule (Oj) relative to the mass of a hydrogen molecule (H’) is 32.00 ■ 
2 02. If one sample of O 2 weighs 32 grams and another sample of Hi weighs 2.02 
grams, we know that the two samples contain the same number of molecules, If the 
first sample contains N molecules, so does the second sample. This constant N is 
called the Avogadro’s constant. Its value has been determined experimentally and 
found to be 6.02 X 10^^ Because of the great significance of 6.02 X 10^’ atoms or 
molecules, the amount of any substance containing this number of atoms or 
molecules is given a special name—A MOLE (abbreviated mol) of the substance. The 
SI definition of mole is as follows: 

The mole is the amount of any substance that contains as many elementary 
entities as there are atoms in exactly 0 012 kg (i.e., 12 g) of carbon-12. When the 
mole is used, the elementary entities must be stated. They may be atoms, molecules, 
ions, electrons, or any other entity. 

A useful quantity in chemistry is the MOLAR MASS which is the mass of one 
mole From the definition of a mole given above, we reach the important conclusion 
that the rnolar mass in grams of anv atom is numerically equal to its relative atomic 
r nass in amu . In other words, from the table of atomic masses, we can immediately 
get the molar mass in grams which in turn is the mass of 6.02 X 10^’ atoms, From 
this information, it is easy to calculate the absolute mass of one atom as shown 
below. From the table of atomic masses, we can also calculate the relative molecular 
mass in amu of a molecule if the formula of the molecule is known The molar mass 
in grams of any molecule is numerically equal to its relative molecular mass in amu. 
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In this cnsc since the molar mass m grams is the mass of 6,02 >' lO” molecule.';, the 
absolute mass ol one mokcvilc can be easily calculated (sec ['xaraple 


I unple I I 

Calculate the mass oi a carbon atom and of a silvci atom 


Soluiion 


Mass ol a carbon atom 12 01 amu 

Muss of one mole ol carbon atoms 12.01 g 

I his means that mass of 6 02 X 10*' '^C atoms 12.000 g 


The muss of a single *"C' atom 


. 12.000 
' 6 . 02 x 10 '* 

1.99 X 10 ”g 


In the same manner, since the atomic mass of silver is 107.87 amu, the mas.s ol a 


silver atom - 


6.02X lO-'* 


17.92 X 10 ”g 


(Note f-ur .Sliver, the mass represents the weighted average of isotopic masses) 
Example 1.2 

ncterminc the number of atoms in 1.792 X 10 '^g ol silver. 


Salutian 


Mass of silver atom (.see Example l.l)~ I7 92X 10 g 
Number of atoms of silver in 1.792 X 10" g of .silver 


Example 1.3 

Compute the mass of one 
(benzene). 

Solution 


- 1.792X10*’ 

" 17J2XTP^ 


- lO'*’ 


molecule and the molecular mass of CsHe 


Molecular mass — 6 X atomic mass of C + 6 X atomic mass of H 
-6X 12.01 f 6X 1.008 
"= 72.06 1- 6 048 
~78.II amu 

Mas.s of one molecule of CaHs ~ 6 X mass of C atom + 6 X mass of H atom 

= 6 X 1.99 X 10'^' + 6 X 1 67 X 10'^“' 

= 11.94 X 10 ” + 10,02 X 10"^’ 

^2.94 X 10 


The mass of one molecule of CsHd can also be obtained by dividing thTnmTlTT TOs V** •, 

I _ r" y-i I j M ^ I 


of C6H6 by Avogadro’s constant 

I I I, Ml .1 
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The fact that a mole is related to the number of particles means that it must also 
be related to the volume of gases because equal volumes of all gases at the same 
temperature and pressure contain an equal number of particles Tliis is indeed 
supported by experiments. It is found that at 0°C, and 1 atmosphei'e pressure, 
known as standard temperature and pressure (STP), one mole of all gases occupies 
22 4 litres of volume. The molar volume at STP is thus 22.4 litres. 

1.4 2 Determination of Chemical Formulas 

All of you know that the formula for water is H 2 O. that of hydrochloric acid is HCl 
and so on How were these formulas determined? We will now answer this question 
m a systematic fashion. There are sever al types of cbef'ca' formidas 'Ihe first is the 
emp irical formula It gives The re/at7ve1ruiinb^ <'1 d.'l I'Ui' n. atoms'prwent in 
a'compound. The second type is known as the rrtoleculai formula. It expresses the 
exact number of different atoms in a compound. For cxamplcT^H is the empirical 
formula of benzene and CeHs is its molecular formula 

The empirical formula of a compound can be calculated from ( 1 ) chemical 
analysis of the compound, and (ii) atomic masses of the constituent elements. The 
result of chemical analysis* is usually expressed as percentage compo.sition (by mass) 
of the elements in the compound. (Oxygen percentage is usually not given explicitly; 
it IS obtained by subtracting the sum of the percentages of all the other elements 
from 100) To calculate the empirical formula, the first step is to convert the given 
percentage composition to mole composition. This is done by dividing the mass of 
each element by its atomic mass From the mole composition we can determine the 
mole ratio between different elements in the compound. Any fraction in mole ratio 
is then removed by dividing or multiplying by a suitable number. 

Example 1,4 

An organometallic compound on analysis was found to contain, 

C — 64 4%, H — 5 5% and Fe = 29.9%. Determine its empirical formula. 

Solvtion 

The sum of percentage is 99.8 (i.e., nearly 100). Therefore, no oxygen is present 
Percentage composition by mass is 64.4% C; 5.5% H' 29.9% Fe 


There are two types of experiments which provide the required clatn Either the compound is synthesised 
from its elements, or it is broken down into the elements, or into compounds of known composition. 
The second rrielhod is more common. For example, composition of many of tlic carbon compounds 
containing only carbon and hydrogen is usually determined by burning them in excess oxygen gas so 
that al of the carbon in the original compound is converted to carbon dioxide and ihe hydrogen is 
converted to water By weighing the amount of carbon dioxide and water formed, the amount of 
carbon and hydrogen in the original compound can be determined. 



A70MS. MOI IC rUS AND ( HI MICM AHIIHMI IH 


31 


t) M 4 ... "i.S „ 29.9 

Molt Ratio ~ —-j- C . ^ 

- .136 C 5.45 H;0..‘>.25}-c 

Dividing by 0.53.5. we get mole ratio -■ 10 02 (’: 10.19 H: I Fe 

- - - - 10 C. 10 H; 1 I-c ' 

, - - 

Therefore, cmpiiieal formula is (htiHin I-c, 

Example 1.5 

Four grams of copper chloruie on analysis was found to contain 1.890 
g of copper (Cu) and 2.1 K) g of chlorine (Cl). What us the empirical formula of 
copper chloride'' 

Solution j 

Percentage of copper in copper chloride ' ^ 100 ” 47,39f 

Percentage of chloiinc in coppei chloride X 1(H) - 52.7% 

Percentage composition is 47.3% Cu and 52.7% Cl. 

Mole ratio “ C'u; 4H“s '' 

63.55 35.45 

Dividing by 0.743, mole ratio - 1 Cu; 1.999 11 

-• 1 C'u: 2 Cl 

Therefore, the empirical formula is CuC'lj. 

The molecular formula of a compound can he calculated from (i) the molccula 
m iss of the compound, and (ii) the empirical formula of the compound. 

PKample 1.6 

The molecular mass of benzene is 78 and its percentage composition is 
92.3% C and 7.69% H. Determine the molecular formula of benzene. 

So utton 

Percentage composition = 92.3% C: 7.69% H 

Mole ratio = 22.01 ^ ' l.'oos ^ 

= 7,69 C;7.63 H 

Dividing by 7.63 gives 1.008 C: 1 H (” I C: 1 H). Therefore, the empirical formula 
is CH or the molecular formula is (CH)„. 

Empirical formula mass = 12.01 + 1.008 
™ 13.018 amu 

n = mol mass/13.018 = 78/13.018 = 5.99 ■=« 6 
Therefore, the molecular formula is CtHs. 

Knowing the molecular formula, one can determine the number of moles (or 



34 


y Hi MIM K Y 


number of molecules) in a given amount of that compound 
Example I 7 

Calculate the number of moles and the number of.maiccules m X 116 
g of ammonia (NHi). 

Solution 

Molecular mass of NHi = 14.007 + 3 X l.OOK 
= 17,031 amu 
= 17 031 g/mol ammonia 

Therefore, 8 516 g of ammonia = 8.516/17.031 mol ammonia 

= 0.5000 mol ammonia 

One mol of a substance has 6 02 X 10*’’ molecules 
Therefore, 0.5000 mol has 3 01 X lO” molecules 
Example J 8 

Calculate the number of grams of oxygen in 0 10 mol of 
NajCOi IOH 2 O 
Solution 

One mol of NajCOi. IOH 2 O has 13 mol ol oxygen atoms. IhcrcUire. in t) [() 
mol of Na2CO3.10H2O, there will be 1.3 mol of oxygen atoms. 

One mol of oxygen atoms = 16 g 
Therefore, 1 3 mol of oxygen atoms = 16 X 1,3 -- 20 8 g 
1 5 CHEMICAL EQUATION 

When the substances taking part in a chemical reaction ate represented hv then 
molecular formulas, the chemical reaction can be written in the lorm of a chemical 
equation Equations express the qualitative and quantitative infornuition about 
chemical reactions in a simple manner. The quantitative a.spects, dealing with the 
mass and volume relations among reactants and products, is termed stoichiometry*, 
we shall now show how a chemical equation i.s written and what infurmatiori it 
conveys so that we can discuss stoichiometric calculations. 

1 5.1 Writing a Balanced Chemical Equation 

The chemical reaction between hydrogen and oxygen to produce water can be 
written as Hydrogen + Oxygen = Water, However, this way of expressing a 
chemical reaction can be simphlied by using chcirtical formulas. Thus, the above 
reaction can be written as H 2 + O 2 = H 2 O. However, this equation docs mu obey 
K mass because there are two moms of oxygen on the left- 

and side while there is only one atom of oxygen on tlic right-hand side. For a 
chemical equation to be correct, the number of atoms of each element must be the 
same on both sides of the equation An equation satisfying this requirement i.s called 


* Stoicliiometry is dei ived from Greek words meaning 'to measure an ekmeni' 
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a balaiHctl chcnJKal H\ cbnosmg suitabic cut-fficicnb, a balanced 

equatiDii far ihc ahu\c rtMctnvn ran hr wtiitcn in any ot the fallowing forms: 

H. • in H,0 , (i) . ^ 

1 (). , (Hi 

•lU, 4H,o ... (ill) 

Hawt’sn, by canycntiaii. cquaEmns an* wriiten in a form in which the co- 
ci'licicnls arc the Mnullfst vs hole inimhcrs 'i'hc reaction between hydrogen and 
oxygen to give vsater is thus rcprcHcntcd bs equation (ii) 

As another exarnple o! balancing an equatmn. \sc consider the reaction, 

C’.H.O • {); CO- f H..0 

} thyl alcohol * oxygen ('arbon dioxide f Water 
lo balance carbon atoms, ssc write 

CJlsO • (). 2C'().- f Hit) 

and to balance hydrogen atoms, we write 

C‘.4f,X) r (). 2C-(). + .'m.-O 

Oxygen atomii can he balanced by multiplying (); -y I bus, we have the balanced 
equation. 

I 20;- 2C0; t 3HiO 

It IS frequently convenicrit to know the physical state (i.e., solid, liquid or gas) of 
ea h reactant and product This information will be a necessity, when we later 
di . is's the energy change.s during chemical reactions. The following abbreviations 
ai; ’ sed to indicate the phy.sical state of the reactant.s and products': 

(s) “ solid, (1) " liquid, (g) ~ gas or vapour, (aq) - aqueous solution. 

Thus, the reactions given earlier can be writi n more precisely as, 

2Hi(g) f 0;(g) 2H,U (g) 

and C’jfli.0 (1) f KWg) 2C0.! (g) 4' SHiO (1) 

Additional information about heat absorbed or evolved, temperature, pressure etc., 


♦When equations coniam charged species (c.g., urns), they mu.si satisiy the charge conservation also. This 
aspect Will be considered later. 
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can also be incorporated in a chemical equation. This will be considered later at 
appropriate places, 

1.5 2 Significance of Chemical Equations 

A balanced equation contains much quantitative information because it can be 
interpreted in a number of ways. Let us fiist consider reactions in which all the 
participants are gases. For instance, the equation, 

2Hj(g) + Ojfg) = 2 H 2 O, means' 

2 moleeules of hydrogen + 1 molecule of oxygen = 2 molecules of steam, 

or 2(6,02 X 10"^) molecules of hydrogen + 1(6 02 X 10*') molecules of oxygen 

= 2(6.02 X molecules of steam 

or 2 mol of hydrogen + 1 mol of oxygen = 2 mol of steam 
or 4.032 g of hydrogen + 32,00 g of oxygen = 36.03 g of steam 
or 44 8 litres of hydrogen + 22 4 litres of oxygen 

= 44 8 litics of steam (at STP) 

Thus, a chemical equation for a gaseous reaction gives quantitative details about 
reactants and products in terms of (i) molecules (or atoms), (ii) moles, (lii) grams, 
and (iv) volumes (if any of the participants are m the gaseous form) 

1 5 3 Calculations Using Chemical Equation 

A balanced chemical equation permits calculation of the musses of the reactants and 
the products. Let us consider the equation representing the reaction between 
hydrogen and oxygen.to yield water. The balanced equation for this reaction is 


2H2 + O2 2H2O 

This equation can be interpreted in any of the following ways 

2 molecules H 2 +I molecule O 2 2 molecules H 2 O 
4 032 amu H 2+32 00 amu O 2 — 36 03 amu H 2 O 
2 mol H 2 +I mol O 2 -*2molH20 

2 (6 02 X 10 ”) molecules H2+I (6,02X10”) molecules O 2 2(6,02X10”) molecules 

ofHaO 

4 032 g H 2+32 00 g O 2 ^ 36 03 g H20 

Each of these forms can be expressed in words. For example, the last form means 
that 4.032 g of hydrogen react with 32 00 g of oxygen to yield 36.03 g of water. 
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We can, n1 course, chuose anj unit lai mass. Ituis m teims of pounds (lbs), tlic 
above equation will mean 

4 032 lbs H: 1 32.00 lbs Oj - 3(i.03 lbs H-O 

Quantitative mlormation u( diftcrciu kinds about the amount of leactanls and 
products can be ca,sily obtained from a chemical equation as .shown by the following 
example.s. 

Example I 9 

How many grams of chlorine (Cb) arc required to completely react with 0,400 g 
of hydrogen (Hj) to yield hydrogen chloride (flCl)? Also calculate the amount 
of HCl formed. 

Solution 

The balanced equatum for the reaction i.s 

IT < Ch . 2nci 

Now, 0 4(K) g of H; ■' mol of H: 

' 0,19S mol of H.' 

It follows from the equation that 

0.19« mol H? K).19K mol ('b -.0..39f) mol HCl 

Since 1 mol C’b ” 70,90 g Cb- and I mol HCl' 35.46 g IK’I 
0 19K mol Cb " 0.198 X 70.90 g Cl; 

•■= 14.00 gCb 

and 0.396 mol HCl 0.395 X 35.46 g HC'l 
--M4.4gHCl 

Notice that the law of conservation of mass is obeyed as 0 400 g of H; combines 
with 14.0 g of Cb to yield 14 4 g of HCl. Indeed, we could have calculated the 
amount of HCl by adding the masse.s of H: and of Cb instead of first calculating the 
moles of HCl. 

Very often the reacting substances are not present in exactly the .same proportions 
as required by the balanced equation. Consider the reaction 

2Hr 1 0; 2H;0 

If the reaction mixture consists of 2 mol of Hj and 2 mol of O;. it is obvious that 
only 1 mol of Or will be used up and I mol of 0; will be lelt over. In .such a case, 

ii.J.i.miliLi.he 
Inn with a 
the number 

of moles 


h>drngr'-, is said to be _n’C I IMI r iNQ uMr* K-lmiisc il' i‘o'iceril''ati(i. 

o^.li'e pTod'u- t I In: Ivillowi'.g piobu'in is .ni vs.i'i p'e o! a mat 
limiting reactant where the masses of the reactants are given rather than 
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Example 1.10 

J 3.00 g of H 2 react with 29.00 g of O 2 to yield H 2 O. 

(i) Which is the limiting reactant? 

(ii) Calculate the maximum amount of H 2 O that can be formed, 

(lii) Calculate the amount of one of the reactants which remains unreacted. 
Solution 

We first express each of the masses in moles. Since molar mass of H2=2.0I6g 
and molar mass of O 2 = 32 00 g, it follows that 

3.00 g of H 2 = mol ofHi 
i.UlO 

= 1.49 mol of H 2 
and 29 00 g of O 2 =^^mol of O 2 

= 0.9062 mol of O 2 
The balanced equation for the reaction is 

2 H 2 +O 2 = 2 H 2 O 

1.49 mol of H 2 require(= 0 745) mol of O 2 to yield 1 49 mol of H 2 O Since 

more oxygen is present than required, it follows that 

( I ) Hydrogen is the limiting reactant 

( II ) The maximum amount of water that can be found is 1.49 mol of H20. 

(in) (0.906-0.745) mol, i.e., 0.161 mol of O 2 will be left over in unreactcd form 
in the reaction mixture. 

Since reactions m solutions are by far the most common, we turn now to 
chemical calculations involving solutions. The first question to consider is how to 
express the amount of a substance present m a given volume of the solution. There 
are a number of ways of doing this. For example, we can state the concentration of 
a solution in terms of grams of solute in 100 g of solution. However, the most 
convenient procedure is to state the number of moles of solute in a given volume of 
the solution. Thus the MOLARITY of a solute in solution in defined as the number of 
moles of solute contained in one litre (IL) of solution; 

Molarity = 

Litres ol solution 

The units of molarity are moles per litre (mol f') or moles per cubic decimetre 
(mol dm'^) The symbol M is used to designate this MOLAR CONCENTRATION. 
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Example 1.11 

A solution IS prepared hv dissulsinp 1X25 p of sodium hvciroxidc (NuOH) in 
distilled viatci to pise MKKI I of soliuioii (‘.dculiite (tic mutarus of N'aOH in 
the .solution, 

Soluiion 

Molar mass N.i()H 40 (K) g 


18,25 gNaOH 

0.4562 mol NaOH 

ince this amount of NaOH is ptcscni in 1,(100 1 ot solution, 

Molaiitv of N'aOH 0 4562 mol I.' 0.4562 M 

txawpic 1.12 

A .solution is picpaitfd by dissolving 18.25 g i)l NaOH in distilled water lo give 
200 cm' of solution. Oalciilate the molatils of NaOH in the solution. 

Solution 

We have .seen in loxamptc 1,11, that 18.25 g ol NaOH corresponds to 0.4562, 
mol NaOH. However, this amount IS now present in 200 cm' of solution. The 
amount pee,sent in l.OfKlLis therefore 


0.451^,Ifm „n,l..2.2Kl mol NaOH 
Molarity of NaOH 2.281 tnoll.' 2.281 M 

If we take a given volume of a solution ol known niuhiniy, we cun calculate the 
amount of solute in this volume of the solution as shown in the next example. 

Exajople 1,13 

How many moles and how many grams of .sodium chloride (NaCl) arc present 
in 250 cm’ of a 0.500 M NaCl solution? 

Solution 

A 0.500 M NaCl contains 00.500 moles of NaCl in I Lor 1000 cm', of 
solution. 

,^/'n umber of moles of NaCl in 250 cm’=. mol NaCl 


= 0.125 mol NaCl 

Molar mass of NaCl = 58.44 g 
Mass of 0.125 mol NaCl = 58.44 X 0 125 g NaCl 
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= 7.30 g NaCl 

The amount of NaCl in 250 cm^ of 0.500 M NaCI solution 
= 7 30 g NaCl 

It is frequently necessary to know what mass of a solute is needed to make a 
certain volume of a solution of a given molarity as shown m the next example. 

Example 1.14 

How many grams of barium chloride (BaClj) are needed to prepare 
i 100 cm^ of 0 250 M BaCU solution? 

Solution 

Molar mass of BaCh = 208.2 g 

Therefore, lL’'(or 1000 cm'’) of 1 M BaCh solution requires 208.2 g of BaCh 
or 100 cm^ of 1 M BaCh solution requires 

= 20.82 gBaCh 

or 100 cm^ of 0.250 M BaCh solution requires-^^j^ BaCh 

= 5.205 g BaCh 

Thus, if 5 205 g of BaClj are dissolved in distilled water and the volume is made up 
to 100 cm\ the resulting solution will be 0.250 M in barium chloiidc. 

Acids like hydrochloric acid, sulphuric acid, nitric acid are available as concen¬ 
trated aqueous solutions. The sblutions required in the laboratory are prepared by 
diluting a definite amount of the concentrated acid by a definite amount of water. If__ 
the density of the apiH ig i-nnwn , it..ii:.pat;y In c alculate the molarity of the dilu ted 
ac id solutio n. 

Example 1.15 

Concentrated aqueous sulphuric acid is 98% H 2 SO 4 by mass and has a density 
of 1.84 g cm"\ What volume of the concentrated acid is required to make 5.01 
of 0 500 M H 2 SO 4 solution? 

Solution 

I.O Lof 0 500 M H 2 SO 4 contains 0.500 moles of H 2 SO 4 , 5.0 Lof 0.500 M H 2 SO 4 
contains 2,500mole5 H 2 SO 4 . Since molar mass of H 2 SO 4 = 98.08 g H 2 S 04 ,mass 
of 2 500 mol H 2 SO 4 ' = 98.08 X 2 5 g H 2 SO 4 = 245 g H 2 S 04 
However, concentrated sulphuric acid is 98% by mass. Therefore the amount of 

concentrated acid which contains 245 g H2SO4 = 

= 250 g concentrated acid 

The density of the concentrated acid is 1.84 g cm \ Therefore, the volume in cm^ 
containing 250 g of the concentrated acid 
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“ I3f> cm' 

Thus to get 5.0 Lof 0.500 M HjtSO^ solution, wc should take 136 cm’ of the concentrated 
acid and make the volume 5.0 litrc.s. 

When aqueous solutions are mixed, chemical reactions may take place. The 
amount of one or more products can be determined if the volumes of the solutions of 
the reactants and their molarities are known. 

Example 1.16 

500 cm’ of 0.250 M NajSO< .solution is added to an aqueous solution of 15.00 g 
of BaCU resulting in the formation of a white precipitate of insoluble BaSO.i. 
How many moles and how many grams of BaSO^ are formed? 

Solution 

The balanced equation for the reaction is 

BaCli + NajSO^ - BaS04+2 NaCl 

We next find the number of moles of the reactants. 

Since I L(or 1000 cm') of 0.250 M NaiSO< contains 0.250 mol NajSO^, 

number of moles in 500 cm’ of 0.250 M NajSO^ jjiol Na2S04 

Mass of 1 mol BaCb = 208.2 g 

Therefore, number of moles of.BaCb in 15.00 g BaCIj 

=^molBaCI. 

= 0.0720 mol BaCh 

The reaction equation shows that 0,0720 mol BaCla should react with 0.0720 mol 
NaiSO^ to yield 0.0720 mol BaSO*. (The reaction mixture contains excess of 
NaiSO^; BaCb is thus the limiting reactant). 

To calculate the mass of BaSO^ in grams, we note that 

Mass of 1 mol BaSO^ *= 233.4 g BaSO^ 

Mass of 0.0720 mol BaSO^ = 233.4 X 0.0720 g BaSO^ 


= 16.80 g BaSOi 
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EXERCISES 


1 1 State the number of significant figures in each of the (ollowing numbers 
( 1 ) 2 653 X 10'' (li) 0 00368 (in) 653 (iv) 0 368 

(v) 0 0300 

12 Express the following numbers to four significant figures. 

(1) 5.607892 ( 11 ) 32 392800 (in) 1.78986X 10' 

(iv) 0 007837 

1.3 Express the result of the following calculations to the appropriate number ol significant 
figures. 


3 24X0 08666 



(ii) 0.58 + 324.65 
(hi) 943 X0 00345 + 101 

1.4 Express the population of India in scientific notation. (Use the 1981 census liguic) 

1.5 Express each of the following in SI units. 

(i) 93 million miles (This is the distance between earth and sun) 

(ii) 5 feet 2 inches (the average height of an Indian female) 

(lii) 100 miles per hour (the typical speed of Rajdhani Express). 

(iv) 14 pounds per square inch (atmospheric pressure). 

(v) 0 74 A (the bond length of hydrogen molecule). 

(vi) 46 C the peak summer temperature in Delhi). 

(vii) 150 pounds (the average weight of an Indian male). 

1.6 (a) Classify the following as pure substances or mixtures, 

(b) Separate the pure substances into elements and compounds and divide the 
mixtures into homogeneous and heterogene ous. 

(i) air (li) milk (hi) graphite (iv) diamond (v) gasoline (vi) tap water (vii) distilled 
water (vjii) oxygen (ix) one rupee coin (x) 22 carat gold (xi) steel (xii) iron 
(xiu) sodium chloride (xiv) iodised table salt 

1 7 Which of the following mixtures are homogeneous? 

(i) wood (ii) tap water (hi) smoke (iv) soil (v) cloud 

1.8 How wUl you separate the following mixtures? 

(suggest as many methods as you can) 

(i) salt and water (li) sand and water (hi) oil and water (iv) iron filings and sawdust (v) glass 
powder and sugar, 

1.9 (a) When 4.2 g of NaHCOi (sodium hydrogen carbonate) is added to a solution of 

CH 3 COOH (acetic acid) weighing 10 0 g it is observed that 2.2 g of COj is 
released into the atmosphere. The residue left is found to weigh 12.0 g. Show 
that these observations are in agreement with the law of conservation of mass 
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(b) If 6.3 g of NalirO^ arc added lo 15 0 g of C’HsCOOH solution, the residue is 
found to weigh IH.O g. What is the mass of CO; released in the reaction'^ 

1.10 Carbon and oJiygen are known to form two compounds, 'I he cjirbon content in one of 
these is 42,9% while in the other it ts 27 3% Show that this data is m ugreement with 
the law of multiple proportions. 

1.11 Cftlculalc the number of atoms in each of the following. 

(i) 52 moles of He 

(ii) 52 ainu of He 

(iii) 52 g of He 

1.12 KBr (potassium bromtdc) contains .32.9'’? by weight potassium. If 0.40 g of bromine 
reacts with 3 M p of potassium, calculate the numbei o( moles ol potassium which 
combine with bromine to form KBr. 

1 13 Write the empirical formulas of the compounds having the lollowmg molecular lormulas. 
(i) (iij CMIi; (lii) (iv) HjO (v) NajC'C), (vi) H..H*(vir) N;(). 

1 \A Chlorophyll, the green colouring matter of plants responsible for photosynthesis, 
contains 2.68% of magnesium by weight. Calculate the number of magne.sium atoms in 
2 00 g of chlorophyll 

1.15 (a) Butyric acid contains only C.H. and 0 A 4.24 mg sample of butyric acid is 

completely burned. It gives 8 45 mg o( carbon dioxide and 3,46 mg of water. 
What IS the mass percentage of each element in butyric acid? 

(b) If the elemental composition of butyric acid is found to he 54 2%. C. 9 2% H, and 
36.6% O, determine the empirical formula. 

(c) The molecular rna.s.s of butyric acid was determined by experiment to be 88 
amii. What is the molecular formula? 

1.16 Balance the following equations, 

(i) HiPO, -* H.PO. b PHi 
(It) Ca )• HjO - Ca (OHb + H» 

(til) Fe;(.S04)i+NH,fH;0 - Fe (OHlx+CNHH; SO, 

1.17 (a) A sample of NaOH weighing 0,38 g is di-ssolved in water arul the solution is made 

to 50.0 cm^ in a volumetric flask. What is the molarity of the resulting solution? 

(b) How many moles of NaOH are eontaincd in 27 cm^ of 0.15 M NaOH? 

1.18 Commercially available concentrated hydrochloric acid contains 38% HCl by mass. 

(a) What is the molarity of this solution? The density i,s 1.19 gem * 

(b) What volume of concentrated HCl i.s required to make I.OOLof 0.10 M HCT? 

1.19 The cost ol table .salt (NaCl) and table sugar (CnHiiOu) is Rs 2 per kg and Rs 6 per 
kg respectively. Calculate their costs per mole. 
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ElEMENTS JBEIl OCCUIRENCE AND 
EXTRACTION 

Mother Earth has everythlag 


OBJEaiVES 
In this Unit tve shall leant 

* the distribution of chemical elements and their occurrence in the 

•earth;' ■ - ■ • - ' .. . 

* the importance of chemistry in explaining the occurrence, distribution 
and composition of chemical elements in the earth; 

* the different m 6 th 9 ds, based on chemical properties to free the 
elements from their combined states; 

* the various processes employed in the extraction of elements; 

* qualitative analysis of metals. 
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All MaTTRIai.S found in the caith arc composed of chemical elements. Around 
two-thirds of the dements are metals. Some of the familiar metals used in our daily 
life are iron, copper, aluminium, tin, lead, gold, silver, nickel and mercury. A few of 
the non-metals are hydrogen, carbon, oxygen, nitrogen, sulphur and phosphorus. 
The chemical elements are di.stributcd over the whole of the earth. Some of the 
elements like n j^trcigen, ox ygen. nohlc_gascs and gold occur jn the free state or the 
NATIVE .STATE, whilst most Other elements occur in the combined stale. The reason* 
torffunTes In (he different chemical reactivities of the dements, 

Elements found in the combined .state are often present as oxides, carbonates, 
sulphides and silicato'. Fable 2.1 lists a few dements and their nature of occurrence. 

TABI E 2,1 

Elements end Their Occurrence 

Elcmcnii Nature of (kx urtencr 


Oxidc\ 


Uon 

Iron Oxide (I e;Oi)Jto!BS.Hie) 

Iron oxide (I'CjOt FcO) 

(Magnetite) 

Aluminium 

Aluminium oxide hydrate (AJjtE 2H!0) 

-iMpoteJ- 

Manganese 

ManKanese dioxide (MnOO {I’vrolusucl 

fWrfwnsfer 

Calcium 

CaRilf (CaC’O.) 

Magnesium ' ' ’ * ' ' 

* jiofomilc CTiCOil ■ 

Copper 

MalachiiejCuCCu.CutOtl)j) 


Silicates 

Magnesium 

Calcium magnesium silicate (Ca.SiDi. .TMg.SiOi) 
lAsbestos) T 


Sulpbide't 

Iron 

Iron Sulphide (FeS) (Pyrites) 

Iron copper sulphides (CdS IxSJ 

Copper 

(Copper pyrites) 

Mercury 

Mercury sulphide (HgS) 
sJ^UUUtbaCX-'l 

Zinc 

Zinc sutphridc (ZnH) 

Lead 

rSacTTulphide (PbS) 




It IS interesting to know why cerlain elements occur as oxides, some as sulphides and others as complex 
silicates. The reason lies m the chemistry of elements 
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2.1 EARTH AS A SOURCE OF ELEMENTS 

The distribution of elements is different in various parts of the earth (Fig. 2.1). 
About 80% of the surface of the earth is covered with water and this forms a major 
source of elements. The sea contains a large number of elements. 

The gaseous mixture covering the earth is called the atmosphere. "I he atmo.sphere 
contains mainly nitrogen (78 09%), oxygen (20,95%) and other gases {<1%-). The 
present distribution of elements in the sea and in the atmosphere has been the result 
of complex chemical reactions that have occurred during the formation of the earth. 

The solid phase of the earth, LiTHOSPHERl-, consists of diffcient types of rocks. 
The lithosphere forms a major source of elements It i.s important to understand the 
occurrence of material in the earth in three different phases (gas, liquid and solid) 
and the different elemental compositions in the thiee phase.s. 

- T he p^ ent knowledge of the ear^iiy due to the pioneering work of V^ M 
'oldschmidt^The major separation oflKeTjifferent phases of the earth had oOemred 
T 



Other non-metal® 

--- hydrogenO.t 

phoephorouB 0.1 

others < 0.1 

aluminium 

a.3 

iron 

6.1 

calcium 

3.6 

sodium 

zM 

potassium 

2.6 

magnesium 

a.i 

titanium 

0.4 

manganese 

0.1 

others 

>0.1 


Fig. 2,1 PemnwRe cbwihuuon of ahiintiam ehwenis In the earth's rrmt 
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during the cooling of a gaseous mixture in the formation of the earth. In the cooling 
of the earth, the initial gaseous mixture condensed to a liquid. This was followed by 
solidification resulting in the formation of difl^cnt types of rock.s. The elemental 
compo-sition i.s not the .same in different rocks. ^We athering of rocks over a period of 
time extract.s some of the elements into aqueous phase leading to the formation of 
sedimcnlaiy rocks and sea waiei^Thc distiibuticm of elements in a wide range of 
rocks found on the surface of the earth i.s given in Fig 2.1. We noticcTThat jjilieon 
an d oxyg en togi thci lOrm ii houl ?.*i'^'Lof the totaj ^onstiUicnts of the earth^ 

■ We sec rrnin Fig. 2 1 that the taniihaf elements, coppei, tm. meicuiy are less 
abundant, The familiarity of these elements are possibly due to their occurrence only 
in certain locations and their exien.sive usage arises from the ease of their extraction 
A solid object .such as the earth should consi.st of a core (centre portion) covered 
by different layers to give a particular shape. Goldschmidt suggested that the cooling 
of the gaseous matter resulted in major parting leading to the segregation of 
different ^oncs a metallic core, an intermediate sulnhidii layer, covered.liy .a silicate 
eriisi apd an atrnS pSSrrfFie 2.21. The pre.sencc of different layers indicates 



GOLDSCHMIDT KUHN AND RITTMAN 

FJg J.Z The ,campMiiton af the eerih according to Goldschmidt, Kuhn and niimann. The earth's 
crust is iheovier layer 40 km deep. The different layers according to Goldschmdt m shown an the left 
side. 
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concentrations of various materials in these layers that had occurred during the 
cooling process. The distribution of the elements in the metallic c or e (.sider ophill. 
sulphide zone (chalcophiD . siiii>il!‘.aEUsi..4U!,^£Ui IJ and the atmo.sphereTarM^RWTF** 
different Th^Tfetrl^tm ol ele'nel.l^ i. 'i-c d.'-ieic-r /ones ivgi^^ in Tabic 2.2. 
The elemental distribution in different combinations occurring in various parts of 
the solid phase of the earth is due to the relative stabilities of the different materials*. 
Many elements are present in more than one layer and this can be attributed to their 
easy accessibilities. There is another view. According to two Swis.s scicnti.sts W. 
Kuhn and A. Rittmann, the core of the earth constitutes solar material containing 
30% hydrogen followed by molten silicates covered with magma layer and cru.st. 

, , TABLE 2 2 


DUlrlbutlon of Elements in Different Lsyers 


Lithophil 

• \h / 

Chloride, sulphate and carbonate. 

Li, Na, K, Rb, Cs, Mg. Ca*Sr, Ba. 

SV 

* 


Silicate and oxide, Be, Al, Si, Y, La, Ac, T i, /.{, 

Hf,Th,V,Nb,Ta,pr, Mo, W, U, 

Atmophil 

F. Cl, Br, I, B, C. Si, N, 0, He, Ne, Ar, Kr, Xe. 

Siderophil 
(Metallic core) 

Mn, Fe, Co, lii, Cu, 

Ru. Rh, Pd, Ag, 

Re, Os, Ir, Pi, Au. 

Chalcophll 

P, ^ Zn, Ga, Ge, As, Se, 

(Sulphide layer) 

Cd, In, Sn, Sb, Tc, 


Hg, Tl, Pb, Bi. 


solidificatio n of the ^^rth’s crust is really fractional crv.stallisalion of mate rial 
tim^billions of years) toTo rm igneous r ocks. The slants 
thar consiiiute these rocks are governed by the i ^ic sizej nhe elements. It is 
natural to expect that certain ions arc preferentially incorpor^carTHTo silicates as 
dummosiheate melts such as Fe^^ Mg-, Ca^\ Na^ and K\ These minerals constitute 
fourfifths of the earth’s crust. 

V^eathering is selective extraction of igneous rocks by water, carbon dioxide and 
tac ac* carpang away Na*. Ca", V, and Mg» aad leaving insoluble residues. 
If digerential ejUractio n deaends_Qn the charge/ .si/e. ratio 

V t he el e ments. Elem ents, for which the ratio is le^ than 4 (Na^ Me-'TTrc 
easily extracted into water (sea water). Elements for which the above ratio is greater 
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i >ulnliau;!) IlTl d_Jih 0 Jli;ibate s Elements having 
■■ under reducing media and reprecipitale in 
oxidising media. The effect of weathering on silitate containing oxides can be 
visualised from the scheme depicted below '1 his shows the partial separation of the 
elements and their occiurcncc as carbonates, hydroxides, oxides and chlorides 


Igneous rack 


absorplion 


axiciiKiic 

liStlrulsMs 


K' sails. 
fOj (plant 
and clays) 


\1/ 

nI/ 

vk 

Residue .SiOj, 

re;0', 

Curhonaics 

A1)0. liOj 

Mitf); 

C'aC’O, 


nr 

evapnriilion 


K', Mg*’, Cl 




solution 


NaCI 


The chemical weathering proccs,s produces silica fSiOT. alumina (AbOT, iron an d 
m anganese oxides, lime and maitnesia and,soda and potash . W eathering affects the 
n itrogen cycle and the carbon cy cle. 

2.2 ELEMENTS IN BIOLOGY 

Many elements are accumulated in living organisms. The most familiar example is 
enriehm ^t of indine. in sea weed s, vanadium in sea cucum bers and potassium in 
planFUl^ Apart from the acemmuratton of these elements, living organisinTconfauT^ 
different elements concentrated in different parts (e.g., iron in hemoglobin (blood), 
zi nc inl lm-ewi^- Qf certam _ .uiini.iN aud iniii»i;CMrm in chloro^glasl). The chloroplasts 
also contain traces of i iuifgarit'se (.oppr. and ;:o':i I'in: reasons for the specific 
association of elements in'^biblogical functionThave been little explored. 

2.3 ELEMEN'l'S IN f5EA 

The chemistry of the sea is largely the chemistry of complex reactions. We have 
learned that weathering of igneous rocks followed by extraction of elements by 
water is the main source of dissolved salts in sea water. These can be depicted in the 
following reactions sequence that occurs in the laboratory of the sea. 
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Igneous rock + Rain water 

(Ca Aluminosilicate / (H 2 O + COj) 
CaAl2Si208 

Potassium aluminosilicate, 

KAlSijOg 

Sodium alumino silicate, 

2NaAlSi308) 


Stream water f Detritus clay 

(Ca': 2K‘ 2Na‘, + 

+ HCOi ) 


Kaolinite Clay I + sea water-* Clay II + H 2 O + CO 2 

Alumino silicate (2K* + 2HCOj) Ilite 

Ca^" + 2 HC 03 '-- CaCOj + H20 + CO 2 


.Marine organisms convert the Ca’^ ions to CaCOj (shells) which form sediments. 
HCl injected by undersea volcanoes reacts with HCO 3 ' according to the equation: 


2HC1 + 2HC03‘ 


►2C1 + 2 H 2 O + CO 2 . 


This reaction is followed by metamorphosis of clay to form Ca, K, Na aluminosi¬ 
licates from igneous rocks. 


Clay -h 
(Na^ + CO 


T . . , 

Interstitial water-► 

pressure 


igneous rock + HCl + alumino silicate 
2Si02 


Na^ -1- Cr-- NaCl 

The relative composition of the elements in sea water is shown in Fig. 2,3. You may 

be surprised to know that only four elements, Cl. Br. Na Mg are.nmovgred 

coinnjp£ially--fciiiii.^ea^^^ The manganese nodules form a potential source of 
rare metals and it may be worthwhile extracting these elements. 
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OCEANS THE GREAT STOREHOUSE OF CHEMICALS 


A largdy unutUbad source of fo.jd “"f 

of the wo. Id. The cominp years Uems. 

this huge a,Id in so.nc eruptions are regularly 

A numbei ol souicts like ^ j j ^ ocean, Sonae of 

dumping mUlinns of tons ot mme Js „d some others ate 

these are present In the ocean m the dissolveo 
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deposited onto the ocean floor. A rough idea of the ocean storehouse can 
be obtained from the fact that the total volume occupied by the oceans is 
nearly 1400 million cubic kilometres with millions of tonnes of dissolved 
salts per cubic kilometre. 

Sea-water is the leading source of bromine. Natural gas, oil, coal, 
sulphur, gold, and tin arc amongst the items extracted commercially from 
the seas. The underlying ocean floor is richer in nickel, copper, and zinc 
than the ores on the land. Sea-weeds are an important source of inorganic 
and organic chemicals like lodjne, alginic acid, agar-agar and laminarin, 

Pure water is obtainable from sea-water by flaish distillation i.e. 
distillation at low pressure Unfortunately, this technique is expensive as 
it requires a lot of energy. It is, therefore, at present used only in 
countries like Kuwait and Saudi Arabia where pure water is very scarce 
and energy is relatively cheap. 

As the demand for fresh water goes on increasing, desalination of sea¬ 
water may become an important process. At present, there are over 2000 
desalination plants in operation ail over the world based on techniques 
like flash distillation, ion exchange or reverse osmosis. 


2.4 EXTRACTION OF METALS 

We have learned that many elements tended to group together during the formation 
. of the earth.*These exist as deposits. The natu rall y occurnng..ttiaterial lo which the, 
met ^s are present in stable compounds have 

the^me cirinpositton^^ those of 'thecompounds'synfhesiscd 'in the •laboratory. 
However, the minerals are not pure, The minerals in which the metals are sufficiently 
concentrated and form commercial sources of desired metals are called OREj^Xlres 
are usually associated with waste materials not useful as sources of funalTThe 
^waste'uratOTal.m an qr^ is called GANGUEjThe mosf common comp.oniJnl Of gaijgue 
\js silica (Si02) ^ quartz. We shall now consider the various metallurgical processes 
that are employed to free metals from their ores, 

2.4.1 Metallurgical 'Processes 

The ores contain unwanted materials. The first step would be to separate the 
required ore from the gangue The process employed to concentrate an ore i.s called 
the beneficiation process After obtaining the concentrated ore, the desired metal is 
freed from other constituents of the ore. The metal obtained is often impure. The 
pure metal can be obtained by various processes such as electrorefining, zone 
_ refining and other methods •- —' 
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An outline of the various nietliods that are employed in the production of metals 
from the ores is given below 


Ore 

Removal of gangue 


IToaiatton atiil other procciscs 




Increase of cniiccniralion of 
the desired mineral 


I eaeliKlg 


Rottsling 

C'aleiiiBlion 

Smelling 

Rcduelum 

Chemical 

clecirochcmtcal 


^Elcctrorcflmng 
/.one mcliing 


Iknclicialion 




Concentraicd ore 


Separation of other minerals 


'V 



Removal of oiher clemenis 
to nhtam desired metal 


Removal of other elements 


In the flow diagram above, the functions of different processes are given on the right 
side. On the left side, the various methods that are used are denoted. There are also 
other methods that are not listed here. The methods are dependent on the type of 
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ore, the nature of the mineral chosen for metal c’ciractiori and the type ot the 
minerals from which the mineral concentrate has to be obtained We shall examine 
now the principles involved in the various methods of hcncficialion of ores. 

2.4 2 Production of Concentrated Ore 

The first step in the beneficiatioii process is ciushing. The crusheef ore is more useful 
for the removal of gangue and separatum of usehil mineral Cicnerally the metal ores 
are heavier than the gangue. Thus by allowing the crushed ore to How m a current 
of water, the lighter impurihes cap be-washed away leaving behind heavier particle.s 
Icontaining the minerals. This method is.called LEVlCiAllON convenient method 
[widely used in the concentration of sulphide ores is i-ROfH Et.tiArMldN.' Ihe ciffi hed 
p ieces of minerals are den ,^ er than J i i a jua t ef-an d so they sink in w ater We can nn .ii 
a jew_ pieces of thepre if we bubble air through the wat er. So me of the j^rftins 
to t he air bu tthle-a nd e i tn bo brouaht to . th a surlaee -st nee 

bujahTTand the grain of the ore i.s l ess than that o f water, I et us a ^Ul .i re;t [,y‘ni m 
the water which - - .. 

that more partL....^.vo >,uum oe niidim. » ms leaueiit is eaiieu a 

COUJ^CIOg. With the usage of different collcctorsi, we can float minerals oj the ore 
one after another. The floating minerals can be removed mechanically In this 
manner we can obtain mineral concentrates. The gangue materials do not llo.ii and 
rei^iiTti^bottom of the water during these operations. 

I .LEACfWi^is another process in which a particular mineral in an oie can he 
diSsojved'-selectively by employing certain acids, bases or other leugenl.s. Typically, 
bauxite(Al 203 . 2 H 20 )can be leached with sodium hydroxide .solution to dissolve the 
alumina and the insoluble portion (unwanted material, silica and other oxides) 
rentam^as a sludge. The dissol ved metal solutio n can be recovered bv renredDilatum 
or crystallisa tion, ’ “ ~~— --- 

AI 2 O 32 H 2 O + 2NaOH — 2NaA102 + 3H20 
2NaA102+ 2 H 2 O-- A1(0H)3 + NaOH 

2Al(OH) 3 AhOj + 3 H 2 O 


basJd'on\nLYi?"' separation methods for the concentration of the ores. These arc 

static senSn« separation, magnetic separation, electro- 

static separation and optical separation. Leach!"'* -Y r'-" —0 . . . p^v 

of some precious metals like silver and gold Ii ■ ■' '“V' , ‘ 

^ cyaliideTcp- 
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The ores coniaining silver, (AgS-argentenite) and native gold are treated .... 
aqueous solution of sodium or pota,ssium cyanide. 

AgiS + 4NaCN-- 2Na lAgCCNli] + Na 2 S 

4Au + 8KCN + 2Hj 0 + Oj-- 4K LAu(CN)j1 + K.OH 


The p resence of oxygen is necessary to convert gold to the oxidj slSiaiS 
CertauTb^teria^I systcmslirrk^^ to remove s'^nTcallj^iRC 
ores. These can be used to selectively separate metals in low concentration. 

The lemoval of sulphur from a few metal sulphides can be easily in 

by heating the sulphide. This process is known as ROASTmo can be 

smelting, high temperatures are used to produce molten , 1^2 a metal 

reduced chemically. Sometimes, the product of such an operation cou 
or a mixture of sulphides and metal in which the percentage of me ^ 
increased as a result of the smelting. T hi^material is called ma'IT E. 

2.4.3 Production of Metals and Their Purification 

Minerals usually contain 1 i'j ‘‘"e compoun are: 

associated with other impui •; • 'I •. ■ the production 0 

.w^iflrcmoval of impurities from the ore, isolation of the desire 

the minerals. The methods of removing the impurities depend on the n 
impurities. We have learnt that one of the most abundant impurities * .^^ ^iiicates 
and oxidc.s of phosphorus. These are removed by converting them 
or phosphates of calcium. This is carried out by heating these oxides m 
of calcium oxide. ^ 

SiOi + CaO^-- CaSi 03 


P 4 O 10 + 6 CaO-► 2 Ca 3 (PO 03 

.ug solid metal 

The molten silicates and phosphates can be easily removed from itenjatoJ^ 

compounds. The removal of impuritics.from a mineral by 

called slagging Oplrai ion. '1 he slag consists of IFie molfch’ Impori 1 


a metal silicate. ’ hides 

Metals in the minerals are present as oxides, carbonates or sulp In other 

In order to obtain metals, we have to free them from their metals. There 

words, we have to reduce the metals from their oxidised state to . .jg reduction, 
arc two methods of doing this—c hemical reduction and_ clgcH^^.Z ^^ 

First, it is necessary to convert metals iiUoJhei^jsspeetive-^^ into 

He nce the, mi nerals eontaiRmg as ca rbosate or a hydroxide are 
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oxides by heating them strongly as. tQ tetrvQve any volatile impurities. Thik process 
is called CALCINATION. A few examples are: 

CaC03-- CaO + COi 

CuiCOjIOH)! -- 2CuO + HiO + CO 2 

CaCOj.MgCOj-- CaO + MgO + 2 CO 3 

(Dolomite) 

The sulphide minerals are converted into oxides by a process called ROAS'tING. 
In this process, the sulphide ores are, 4 i£ 3 ted i n a controlled atmospherejit.airTiJTiS' 
to removrs- the vol atile sulphur and other7mpunties~ar^xides', the "desired metal 
oxides are left behind. Some examples are given belowf 


4FeS2 + 1 lOt -- aFeiOj + 8SO2 

2 PbS + 3O2-- 2 PbO + 2SO2 

PbS+202-^PbSOi 


In the above example, you will notice that lead sulphide can be converted to 
lead sulphate 

Reduction 

After obtaining metal oxides or sulphides in a pure form, the metals can be obtained 
by reduction. T he principle of thi s method is to remove the oxygen of the metal 
oxides b y treating them with carbon, carbo n monoxide or anot her elcrnent for 
t^lticj£jOxyg^ ^as 'greaTef~fflTru ty an d forms a more stabl e oxide. In the electrolytic 

-£i££ligMg..£hSJJlO£jr L the molten s tat e, tmd lh erefQce-.niQlt.en 
Pxides^and ha lides are employed The choice of the method, whether to u.se a 
chemical or an electrolytic process, depends on various factors. For example, some 
metal oxides such as AJ 2 D 3 ar—-■-* * -; ■ ' ageriLs. In such 

cases, we have to employ'^ET^ ' ..T ;_ ' . ■ ' ' reducing agent 

employed in the chemical reduction method depends on the chemical rcnctiv'tjes 
t ^ me^ The earliest known method of extraction of metals ni.iki's I'sc 01 ho* 
charcoal. Comjaustioa ^f chj rcpg[ leads to the formation o f purho mmonn^j^^ e Both 
carbon and-^^aiJaoa-mTmiTOTthrTtfe^^ redlining th^ mpt al 

oxides to meja l AJ ew examples are given below: ^ 
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7,nO + C-- Za + CO 

FejOi + 3C()-- 2Fe + 3 CO 2 


A simple experiment in the laboratory could be used for the reduction of metal 
oxide by hot charcoal. Take a charcoal piece and scratch out a small piece from the 
surface of the charcoal, Place an oxide of metal (above example) in the charcoal. 
With the help of a blow pipe direct the flame of the burner on to the oxide holding 
the charcoal with a pair of tongs. You can observe the metallic lustre of the residue 
of the metal oxide. Can we use methane gas for reduction of a metal oxide? 

^^Nejn-some cases, we can obtain the tue^al from the metal o xide by heat ing the 
-tJxide f^h-jmothc L. metal. O ne such implant process Involves the reduction of 
metal CraQt) by alumin iuni This process is known as ai.ti sxinq- 

THERMJ£JlBXi4ifcS^ 'Ihcse reactions lihTr'ate TTarge amount of heat, I ^e~m'et3| s~3Te 
obnM;",.[ _! jix . 1 ; ■; hence can he easily .se parated f rom the products o f 


FeA), + 2A1-- AbOi + 2Fe 

CrjOi + 2A1-- AIjOi + 2Cr 


The metal magnesium can also be employed. For example titanium could be obtained 
from titanium tetrachloride using magnesium metal. 

TiCU + 2Mg-- 2MgCl2 + Ti 

In certain cases,heating or roasting leads of the formation of metal. 

Interestingly, some sulphides could be used for the reduction of oxide. A typeial 
example is the production of copper from copper pyrites. The process employed 
here is smelting. The^^copjfef ore containing copper pyrites (CuFeSi) can be concen¬ 
trated by the floatation process. On smeltins, the following reactions occur; 

2CU2S + 3O2-- 2 Cu 20 + 2SO2 

2 CU 2 O + Cu 2 S-- 6Cu + SO 2 


A few metal oxides arc thermally unstable. 


Electrolytic Reduction 
Metals wbicli aic '■‘.-’i''. 
the mciais i'h'aii.ii. :i. 
and aluminiums' . ;■ 
metals after the '. ■■■ 


■ .■ >" ill'' M'd 


.+ .n ..nrliipfi 

(inese 
ciini'-c ■.".‘i' :oT the 
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electrolyte after their formation to avoid further reaction. The electrodes, employed 
for electrolysis should be inert 

After obtaining the metal by the processes of reduction, it is further refined to 
get pure metal. Some of the processes are electrolytic refining, /.one refining, etc. In 
the electrolytic process, the imguxLjnOaUQrmsJhe,,^^ the 

fnrm-6f-sh6etft .or rods forms the cathode. The passage of an electric currenTthfough 
the electrolytic^lutionfm molten salt),"Tesults in t he dissolution of imm u iities from 
the anode-afid-th ese collect as a muddy deposit. The metaJ_ £etS-jd£aiisif£tl.,on 
thgjiatliode. ~ 


Some metals are required in very high purities for specific applications. Typically 
high purity silicon and germanium are used as semi-conductor materials. Puri¬ 
fication of such materials are often carried out by the ZONE REFINING MET HOD 

In this process, an i cipure metal rnd i.<^ ^aken.-fmfLhQat i.s applied at a^narrow 
tl ggiqn By slowly moving the^ieat soured the molt^a-C Sgion is gradually transfer red 
frnn ^Tip pnH nf the rod jQ an^*her TCh** ir npurities which remaiD -4ft4h6-moltcn part 
are progj^sivelv-sbiSe dto one end of I be-rod. The process could be repeated many 
times till the desired level of pur ity is attaiy d 


2 5 MINERAL WEALTH OF INDIA 


India IS quite rich in a variety of minerals. Bihar and Orissa have large deposits of 
ores of ir on, manganes e^xo pper, cJ ui Qmium in addiliniLXa ainal, mica aa d-phesphatps. 
Karnatalu'liasgQid'm addition to iron and chromium ores. Madhya Pradesh has 
size able reserves of irop -a nd manganesaj Met. limestone, bauxite and coal. Rajasthan 
is rich in non-ferrous metals like coppjjyde^Ta nH^ zinc i n-nddititnr~tcr-fnica and 
beryllium. Tamil Nadu has sizeable deposits of iron, manganese ores, magnesite, 
mica, Iihiestone and lignite. There are many industries in India producing metals like 
iron,aluminium, gold, zinc,etc. 


2.6 QUALITATIVE TESTS OF METALS 

Qualitative analysis of metals deals with the detection of metals in compounds or 
mixtures of compounds. We have seen that the extraction and purification of metals 
involve a variety of chemical reactions. These reactions depend on the nature of the 
metal and the nature of the metal salt. The detection and identification of metal are 
important in the metal extraction and purification procedures. 

The preliminary aids for qualitative analysis are the appearance (colour) and the 
solubility characteristics. The colour of metal compounds provides the first clue to 
the nature of the metal. For example, compounds of chromium iron, cobalt, copper, 
nickel,etc, are coloured, while compounds of aluminium, sodium, magnesium are 
colourless. Further, the colour of a metal compound indicates its nature. For 
example, copper carbonate is green; copper sulphide is black; manganese dioxide is 
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black; and manganese sulphate is pink 

The solubility of metal coinpoiituls in an aqueous medium is an impoitant 
feature of qualitatne analssis I siiaily. the analysis siaits with the dissolution of the 
material in a suitable nicdumi and preupitatiun o( the metal to be analysed as an 
insoluble salt. One ot the usdu! ssays nt obtaining a solution of the material to be 
analysed is to dissohe it m hulrochhua aeul oi in an oxidising acid saiution. .Some 
metal oxides such as titanium oxide and sihcu, me quite men. In these iristance.s one 
has to employ tusion of these oxides with sodium carbonate ot peroxide to bring 
them into solution. I he soiubihty of metal salts in wmter depends on the charge to 
size, ratio of the metal ions and aKo on the nature ol the salt such as nitrate, 
sulphate, o.xides. sulphtdes. etc ’Table 2 } shows the solubility ol a tew metal salts in 
water 


I \HI t 1 5 

.StiluWlltx in s Eew Mftnl Suits 


Sa/t 


Kfclah formtni^ soliiNr ettnipinmtls McUh tu/m/ng ittsn/uWe compiwnds 


Oxide/hydriixulc 
Sulphides 

Carbonates 

Sulphates 


Nutates 

Chlorides 


Na'.K'. Hu*’ 

Ns’, K‘ 

N'a". K' 

Musi »(the mciab 


All 

Mtwi of itic meials 


Most of the other nicials 
Mg'". f»c', HaS, Al", 
most of ihr mciats 
Mos! of the meials 
Ba’*, Pb''. C»'" and Ag’ 
sliftlilly soluble 

Ag, I’h'' 


In qualitative analysKs, a careful application of solubility characteristics of metal 
ions is employed to separate metals from one another and to identify them, The 
identification of a metal is often carried out by forming a specific compound of the 
metal which is usually coloured. 

Let us consider an example to illustrate the above point. Copper occurs as 
malachite green mineral, I his is .sparingly .soluble in water, On addition of an acid, 
we' notice the evolution ol a g«,s, ‘The gas turns lime watet milky. Hence we identify 
the salt as a carbonate. The acid .solution containing copper Tons HtTlbFpKcipiralcd 
as black sulphide by ptissing hydrogeii surphidc.'giifij Theieft)re,_\ye_identify the 
malachite green a.s cppj?jgr„c£rboiiate._you will learn more about these aspects in 
your practical classes. ' 
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EXERCISES 


21 The geological processes involved in the disiribution of elcijicnis in specific regions of 
the earth arc solubility in aqueous solution, density, melting point and chemical 
reactivity, Among these processes which arc the ones responsible for (i) the formation 
of igneous rocks containing minerals, and (li) occurrence in the native slate? 

2.2 Describe the methods generally used to extract metals. 

2.3 What are the different methods used to obtain concentrated ores? 

2 4 Name the sulphide ores for lin, lead, copper, silver and silver metals 

2.5 Name the oxide ores of iron, zinc, aluminium and manganese 

2 6 Silver ores and native gold have to be leached with metal cyanidc.s, Suggest a rea.son for 
this. 

2 1 Describe the methods used for refining metals. 

2 8 From the table on solubility of metal salts in water identify, 

(i) Which barium salt is insoluble? 

(ii) Which lead salt is soluble? 

(ill) Which hydroxide is insoluble? 

(|v) Which iron salts are soluble^ 
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If I n'ere io the worid of molecules / would 
rather be in the liquid state, with some 
freedom of gases and some order of solids. 


OBJECTIVES 
In this Uni^ we shall learn 

* the gas laws (Boyle's law, Charles’ law, Dalton's law of partial 
pressure and equation of state for an ideal gas); 

* to carry out calculations based on the gas laws; 

* to interpret the gas laws on the basis of kinetic-molecular model of a 
gas; 


* the general characteristics, classification and structure of solid. 

♦ the properties of liquids. 
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The chemical classification of matter into elements, compounds, and mixtures 
was discussed in Unit 1 We now take up the physical classification which scpaiates 
all matter into three categories—solids, liquids, and gases known as the three stales 
of matter This classification is more obvious since we arc familiar with solid water 
(ice), liquid water, and gaseous water (steam). Almost all the substances exist m the 
three states under appropriate conditions of temperature and pressure. 

Many properties of solids, liquids, and gases can be easily observed with our 
unaided senses * For example, a solid has a definite si/e and shape which do not 
depend on the size and shape of the container The shape of a solid can be changed 
but it usually requires considerable force. Contrast this with the behaviour of a gas 
which has neither definite shape nor definite vioiime; a gas flows and expands to fill 
any container in which it is placed A gas is easy to compress Liquids show an 
intermediate behaviour. A liquid flows and assume,s the shape of the container hut it 
does not expand to fill the container A liquid is only slightly compiessible. A liquid 
has a much higher density than a gas but a smaller density than a solid. 

The above description is based on everyday observations with the unaided scn.se.s. 
Such a description is called a macroscopic description. The behaviour of the three 
states of matter in terms of the atomic theory is called a microscopic description 
since atoms cannot be directly observed. One of the objectives of chemistry is to 
explain the macroscopic behaviour in terms of the microscopic description. We will 
do this as we discuss each of the states m greater detail, 

3.1 THE GASEOUS STATE 

In addition to the properties described above, gases are characteri.sed by certain 
quantitativ; relationship between mass-, pressure, volume, and temperature. It will 
be useful ’ o examine first how some of the gaseous properties arc measured and 
then see the interrelationship between them. 

3.LI Measurable Properties of Gases 

The important properties are: (i) mass, (li) volume, (iii) pressure, and (iv) tem¬ 
perature. ___„ -—- . 

Mass.-The mass of a gas can be determined by weighing a container in which the gas 
v/eighing the container’ again after removing all the gas. The 
difference between the two weights gives the mass of the gas. The mass is related to 
f pe number of mol es by the equation, 

* We have five sensory organs which act like five ‘windows’ lo ihe world. These are: eye.s 
(sight), ears (hearing), nose (smell), tongue (taste), and skin (touch). In ordinary, everyday 
situations we use them as such, i.e.. we rely on unaided senses. We can extend the range 
and eapaoity of these senses by using special types of instcumenU. For example, a- 
microsoope and a telescope enable us to see many details which are invisible to the naked 
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n (number of moles) = 


m (mass m grams) 
M (molar mass) 


We recollect here that 1 mole of a substance contains 6.02X lO” molecules 


In the SI units, volume is measured in cubic metre; one cubic metre (1 
m^) is the volume of a cube of 1 m length. For many chemical measure¬ 
ments, this unit is too large. The smaller unit,cubic decimeter (dm’) or cubic 
centimetre (cm*) are therefore introduced. The conversion factors are: 

I m* = I0*dm* = 10‘ cm* 

However, the units of litre (L) and millilitre (ml) continue to be 
commonly used to measure volumes of liquids and solutions. Originally, a 
litre was derined as the volume of 1 kg of water at 3.98°C (where water has 
maximum density) but it has now been redefined as exactly one-thousandths 
part of a cubic metre i.e. one litre is exactly equal to one cubic decimetre 
(dm*). If follows that one raiUiUlre is equal to one cubic centimetre (cm*). In 
other words, litre and dm* are equivalent units and so are millilitre and cm*. 


Volume: The volume of a substance is the space occupied by the substance. Since 
gases occupy the entire space available to them, the measurement of volume of a gas 
only requires a measurement of the volume of the container confining the gas. 

Generally, the volume is spccifed in units of litre (L), or cubic metre (m*) or cm* 
or dm* As the name implies, I cm* is the volume of a cube of 1 cm length, 1 cm 
breadth and 1 cm height. Note the following relations between different units. 

1 L = 1 dm’ 

1 dni’= 10*cm* 

1 trl*= 10*dm* 


Pressure: Pressure is force per unit area. A confined gas exerts uniform pressure on 
the walls of it.s container in all diiections 
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A convenient method for measuring atmospheric pressure utilises a device known 
as a mercury barometer (Fig 3.1). A barometer can be made by filling mercury in a 
long tube (longer than 76 cm) closed at one end and inverting the tube in an open 
vessel of mercury. The mercury level in the tube drops until the mercury column 
fexerts a downward pressure on the mercury in the open vessel which is exactly 
balanced by the atmospheric pressure. Under these conditions, the mercury in the 
tube falls to a height approximately 76 cm above the level of the mercury in the 
open vessel. When the atmospheric pressure increases, the height of the mercury 
column rises; when the pressure of the atmosphere decreases, the height of the 
column decreases. 



Fig. 3.1 A mercury barometer. The pressure of 
almoipliefe It equa( lo the pressure of the mercury 
column At standard atmospheric pressure and at a 
temperature of 273K, the height of the mercury 
column Is 76 cm or 760 mm 

The pressure expressed in terms of the height of the mercury column can be 
converted into units of force per unit area. A mercury column h cm high and A cm 
in cross-section exerts a downward force equal to the weight of the mercury column. 
Let the force on unit area of surface be given by P. 

p _ _ MassX Acceleration _ mg 

Area A A 
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where m is the mass of the mercvity m the tube aiu* r 'Jie .u l-i -> ’ i*: • 
gravilj. If the density (i.c . mtiss per unit vnlum-) id P'.eir ;> " .r/" t : 

the mcrcuiy in the tube is equal tu/JV. whcie V i-. ilie "'/hnne i.t ti:,* :> it 

tube. Since the volume is given by Ah. wc have 

P mg A I'Vg A - I’Ahg \ I'b;’. 

By international agreement, a standard piessuie of 'im; ainu 'rhei-' ti atn:) >, 
defined a.s the pressure e.xerted by exactly 7b cm of mcicury at i/C M n’Miy. ' ^ . i 
g/cm’) and at standard gravity y.Hl ms ’ 

Further, I atm ” 76.0 cm of mcicuis 
" 760 mm of mercury 

I The SI unit of pressure is a pascal defined as the prcssuie exerted when :< 1 /rce 
611 newton (IN) acts on an 1 area. The relation between the two imiis Is 

1 atm-- 101.325 kPa 

For approximate work, one atmosphere can be taken to be 10‘kPa or lO'Pa 

Temperature- The mea.surement of temperature is based* on the fact that many 
substances expand on increa,sing the temperature. Expansion ot mercury is commonly 
made use of to measure temperature. In ths..scj sius scale (formerly known as the 
centigrade scale), the fre e/.ing point of water (0"C) and the boiling point of watei 
(100“C) at one atnTosphere pressure are taken as releicnee points and this range u. 
divided into one hundred equal parts. Thus each division corresponds to l"C Since 
the zero in the Celsius scale is arbitrarily fixed it is po.ssible to have negative 
temperature on the Celsius scale corresponding to the temperature below the freezing 
point of water. It may appear that the Celsius scale can be indefinitely extended to 
negative temperatures, but experimental behaviour of gases shows that temperaiurcs 
below—273.15°C are impossible to attain. This fact has led to the formulation of ihe 
absolute scale ot temperature which we will discuss in section 3.1.3. 

3.1.2 Boyle’s Law 

(.(The first set of quantitative mesurements on the gaseous state were made by Robert 
jilBoyle in 1662. He devised a very simple apparatus to study the relation between 
pressure and volume of a gas. Using a bent tube and some liquid mercury, Boyle 
found that the length of the trapped air (to which the volume of the air was directly 
proportional) varied inversely with pressure applied tq it i(Fig.3.2). Boyle performed 
the experiment in a room where the temperature was approximately con.stant and he 
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atmospheric pressure 
pa 


gas pressure 
Pa + ri 




mercury- 


Fig. 3.2 The simple J-iube apparatus used hy 
Boyle to measure pressure and volume. In (o) the 
gas pressure is equal to the atmospherlq pressure 
whereas in (b) the gas pressure Is equal to h •¥ Pt 
where P» is the atmospheric pressure,- 

only needed a bent tube, some‘mercury, and a measuring scale for his experiment. 
Boyle worked only with air, but when other gases were discovered, it was found that 
they also showed the same relationship between volume and pressure at constant 
temperature A sample of experimental data are given in Table 3.1 , and some plots 
of the data are shown in Fig 3 3 

The inverse proportionality between volume (V) of a given mass of gass and 
pressure (P) applied on it, keeping temperature constant, is expressed by the 
equation 

V a ^ (Temperature and amount of gas being held constant) 


or V'= Constant/P 


ir PV = Constant 
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TABLE 5 I 


Effect nf PrcMurc on the Volume of » G*« (Air) «t C'onetanl Temperature 


Pressure, P 
(atm) 


Volume, V 
lliirc) 

PV 

(lure mm) 

0.20 


112,0 

22.4 

0.25 


«9,2 

22 3 

0.35 


64.2 

22 47 

0,40 


56 25 

22.50 

0.60 


37.40 

22 44 

0,80 


28 1 

22 48 

1 00 


22 4 

22.40 


The last equation states Boyle's law as: 


> 1 The product of pressure and volume is constant for a given amount of a gas at a 
^aonstant temperature. 



P (Btm) 


Fig. 3Ja Depleting Boyle's'law (plot of PV versus P) 
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A convenient form of Boyle’s law equation is: 

Pi V| = PiVj (Amount and temperature constant) 

Where Pi is the initial pressure, Vi is the initial volume, Pz is the final pressure 
and Vz is the final volume. This equation between four variables (i.e., P|, Vi, Pz and 
Vz) is useful for calculations as it means that if any three variables are known, the 
fourth one can be determined. 

What are the practical implications of Boyle’s law? The law expresses in a 
quantitative manner the important experimental fact that gases are compressible. 
When a given mass of gas is compressed, the same number of molecules occupy a 
smaller space, This means that the gas becomes denser, For example, air at sea level 
is dense because it is compressed by the mass of air above it. However, the density 
and the pressure decrease with increase in altitude. The atmospheric pressure at 
Mount Everest—the highest peak in the world—is only about 0.5 atm, causing the 
air at this height to be much less dense than at sea level. The decrease in the oxygen 
pressure at high altitudes causes altitude sickness (sluggish feeling, headache) due to 
decrease in the oxygen intake in each breath. Mountain climbers and the jawans 
guarding our frontiers in Ladakh, undergo extensive training to adapt their bodies 
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to the low oxygen pressure; they also carry oxygen cylinders for an emergency. 
Simtlaily, the interiors of jet airplanes, winch normally fly at about 10,000 m, are 
specially niainiaincd at normal pressure and they are also equipped with emergency 
oxygen supply in case the pressure falls. 

Example .? / 

What is the volume of a .sample ol oxygen at a pres.sure of 2.50 atm, if its 
volume is 3.15 I at 1 (K) atm? 

Solution 

Let 

Pi = 1.00 atm V, = 3 15 1. 

p, 2 50 atm V; = To be determined 

From Boyle’s l.aw 

P.V, = PiVi 

or Vj = P,Vi/Pj 

Substituting the values, we get 

,, . 1 OOatmX3.l5L _ 

V, . ——tta": -“ i.2o L 

2.50 atm 

Hence, the sample of oxygen oecupic.s 1.26 L at 2.50 atm. This makes sense since as 
the pressure increa,ses, the volume must decrease. 


5n.3 Charles' I ,aw and Ab.solute Scale of Temperature 

|(f you take a balloon filled with air, it will expand when placed in warm water and 
contract in cold water. 'I he variation in volume of a gas with temperature is thus 
easily observable (.see Fig.3.4). A careful study of this phenomenon was first carried 
out Ijy the French chemist, Jacques Charles, in 1787 and then extended in 1802 by 



Ffg. 3.4 Apparatus for dsmonstraiing the effect of temperature on the volume cf a f(as at constant 
pressure. The gas fn the flask can be heated at cooled at constant (atmospheric) pressure. The mercury 
plug moves back and forth depending on the volume of the gas. 
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another French chemist, Joseph Gay-Lussac. They found that air (or any other gas) 
expands when heated. If the pressure is held constant, the ratio of the volume (Vj) 
of a given mass of air at 100°C to its volume (Vi) at 0“C is constant and it is 
independent of the initial volume Experiments show that this ratio is 1,366, i.e,, 


Vj/V, = 1.366 

or V 2 = 1.366 V| = Vi(l-l- 0.366) 
or Vj = Vi + 0.366 V| 

This equation means that the volume .of the gas at 100“C is greater than its 
volume at 0°C by 0.366 times its volume at 0°C. Since this expansion is for 100° 
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change in lempcrature and since the expansion is laund to be uniform, it follows 
that (he expansion per trnit degree will be hv (0..166 100) V| or (1 273) Vi. In other 
woid-s, foi cvcr> 1 change in temperature, the volume ol a gas changes by 1 273 of 
its volume at 0 C I he expet iments thus establish that the volume of a gas is a linear 
function ot its ccisius temperature (I'lg 3.5) 


Ab.uyluic scale of temperature. I'he iact that the volume of a gas decreases with 
the tempeiaturc,raises an obvious question. Is it possible to lower the temperature of 


.'.".I ff' niml' that ■t'. i hime 

2.'.' ‘>1 .■.'i'.i''ie ,ii ■ t 111. 

; ;.-'V V.id ;,l :~7T 




'.Ve 


V. t’'.! t 


II 


tslUvi-er.'tmc 


1 .' 


losser!"-. 


‘ ■' i'-'. .‘'7 

hi fc'-.’i; e 
.s.'.ii.i i.nply 


negative volumes a meaningless concept. We thus arrive at the interesting conclu¬ 
sion that 27,3‘'C is the lowest possible temperature It would be logical to call this 
the AtiSOl t It /I RO OT It MF'TRAlt Rl A .scale of tempcraiurc based on this choice 
of zero is known as the ARSoifll scat l oi il MI’l raiurt- Since this scale wa.s 
first .suggested h\ the Hrilish scientist Lord Kelvin, U is also known a,s the Kelvin 


SCAl I 

Careful measurements shovs that the absolute zero of lemperatiiic is -273.15‘’C. 
Temperaluies on the Kelvin scale aic indicated simply by writing the letter K; by 
convention, llie degree sign (") is not used when expressing temperatures on the 
Kelvin .scale, 'I luis. 


273,1.^''C 0 K 

'Iho relation between the Kelvin .scale and the Cel.sTus .scale is 
*I t t 273.15 

Where T is the temperature on the Kelvin scale and t is the temperature on the 
Celsius scale. In short, temperature on the Kelvin scale is obtained by adding 273.15 
(or less accurately by adding 273) to the temperature on the Celsius scale. 

It should be noted that our conclusion that ga.scs should occupy zero volume at 
'O' K cannot be vcrllied in practice since all gases condense to liquids and solids 
before this temperature is reached. Nevcrthcle.ss, the concept of absolute zero is very 
important as it gives rise to (he tib.soluie .scale of temperature. This scale, basic to all 
scicntilic work, can be ju.stificd by thermodynamic aigumcnts, In fact, the Kelvin 
scale IS also known as the I'HERMODYNAMK’sfAT.l OT- TlMiM-.RAriiRI-; Since many 
equations a,s.sume a simple form (an example i.s Charles’ law given below) on this 
scale, the Kelvin scale is used in all .scientific work. 

jloiarJes’ Law; The volume of a gas Ls a linear function of the temperature on the 
j i Celsius scale but it turns out that the volume is directly proportional to temperature 
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Eij. 3 jS Another phi of data of Table 3.2 shawi that volume it direoily proportional tcriHe ahkolute 
letnperaiare 

(pressure maintained constant), if the temperature is expressed on the Kelvin scale 
(Fig 3.6) i.e., 

V « T 

or V = constant X T (Pressure and amount of gas being held constant) 
or V/T = constant 


Gharles' law is commonly stated as: 

The volume of a given mass of a gas is proportional to the temperature on the 
Zelvin scale at constant pressure. 

, A convenient form of Charles’ law equation is; 


Yl 

V2 


T 

= ijr (amount and pressure constant) 


Where Vi is the initial volume, Ti is the initial temperature, V 2 is the final volume 
and T 2 IS the final temperature. This equation between four variables (i.e., Vi, Vj Ti 
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I ABl.r 3.2 

ChangM in the Volume oT a Eixcd of a Gas with th* Temperature (Pressure Remains Constant) 


reinpetuuire Wtliwic fcmperature Volume 

• C A '■'/»' t,' K cm ■* 


50 

223 


221 

50 

.123 

323 

0 

27,t 


271 

KHl 

373 

373 

10 

28.1 


2K1 

150 

«3 

423 


and Ti) is useful for calculations as it means that if any three variables are known, 
the fourth one can be determined. 

The use of hot-air balloons in sports and for meteorological observations is an 
interesting application of Charles’ law. Since gases expand on heating,hot air is less 
dense. This causes a hot-air balloon to rise by displacing the cooler (and hence 
denser) air of the atmosphere. In the 1930s, hydrogen ballons (which rise higher 
because of the lower den.sily of hydrogen) were developed as a means of trans¬ 
portation across the Atlantic. However, such airships were risky due to the 
inflammable nature of hydrogen In fact, the German airship Hindenburg was 
destroyed by fire m 1937 which led to the end of airship as public transport but 
hydrogen balloons and hot-air ballons continue to be used for weather observation. 

Example 3.Z 

A sample of hydrogen gas is found to occupy 906 cm^ of volume at 300 K (i e., 
27®C), Calculate the temperature at which it will occupy 500 cm'’ of volume 


Solution 


Let 


VI = 906 cm^ 


Vj = 500 cm^ 

From Charles* Law 

Ti = T. 
_ VzXT| 


Ti = 300 K 

T 2 = To be determined 


or 
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Substituting the values, we get 

j = 5.0Q cmV 30QK = 5^5 j- 
906 cm^ 


= 165 K (or - 108°C) 

The result is easy to understand because a gas occupies a smaller volume at a 
lower temperature. 


3 1.4 Avogadro’s Hypothesis 

You have learnt in Section 1,4 that Amedeo Avogadro (1811) proposed the following 
hypothesis: Equal volumes of all gases contain equal number of molecules under the 
same conditions of temperature and pressure. This implies that volume is pro¬ 
portional to the number of molecules. From the definition of a mole (Sec Section 
1.4.1), it follows, that the amount of any gas can be stated in moles and that one 
mole of any gas contains the same number (6.02 X 10“) of molecules In terms of 
moles, Avo^dro’s hypothesis may be expressed as equal volumes of ga.ses contain 
s^me num5Er~of mules, ui Volume is 'difectly proportional to the nurn SeT"jf 
moles. In equation form, ^.. 


Volume — Constant X Number of Moles 
7temperature and pressure held constant) 


3.1.3 Ideal Gas Equation 


In order to see how Boyle’s law, Charles' law and Avogadro’s hypothesis can be 
combined, let us consider a quantity of gas occupying volume Vi at temperature Ti 
and pressure Pi and ask the question what volume this gas will occupy at some 
different pressure P 2 and temperature Ti. This change in volume can be carried out 


in two steps 


PiViT, 


Step I 
- > 


PjVxT, 


Step U 
-i 


P2V2T2 


In the first step (T constant), Boyle’s law (i.e., P,V, = PjV*) can be used to 
obtain 


Vx = (P,V,)/P 2 


In the second step (p constant), Charles’ law (i.e., 
obtain 


Vs/T\ — V 2 /T 2 ) can be used to 


Vx = (V2T0/T2 
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Combining the two expressions for V*, we get 


PiV. _ ViT, 

Pj Ts 

Ti Tj 

This equation between six variables (i.c., Pi,Vi,Ti,P 2 ,V 2 and Tj) is very useful for 
calculating the value of one of the variables if the other five are known. 

The above equation also implies that the ratio of PV to the absolute temperature 
T is constant for a given quantity of any gas. We may state it in equation form as, 
(PV/T) = K, a constant depending upon the amount of the gas. To make this 
equation independent of the amount of a gas, we use the fact that the volume of a gas 
at constant temperature and pressure is directly proportional to the number of moles 
(see Section 3.1.4). This means that K is directly proportional to the number of 
moles, n, i.e,, 


n 

or K = nR 

Where R is a constant of proportionality independent of the amount of the gas. It 
follows that 

PV/T=nR 
or PV = nRT^ 

which is called the IDEAL dAS equation. The constant R has the value of PV/T for 
one mole of gas and is the same for all gases and is known as the universal gas 
constant. ----—— —- 

Example 3,3 

A sample of nitrogen gas occupies 320 cm’ at standard temperature and pressure 
(i.e,, at 273 K and 1.00 atm). Calculate its volume, when the temperature is 66°C 
and pressure is 0.825 atm. 

Solution 

We are given 

Pi = 1.00 atm 
Ti = 273 K 
V, = 320 cm’ 


P: = 0.825 atm 
T2 = 339 K 

Vi = To be determined 
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Since temperature and pressure are both changing, it is necessary to use the combined 
gas law, i e, 

(PiVi) ^ (P 2 V 2 ) 

Ti T, 

(PiViTr) 

(P:T0 

Substituting the values, we get 

Vr = (1.00 atm X 320 cm’ X 3391C)/ (0.825 atm X 273K) 

= 482 cm’ 

The Gas Constant, Rearranging the equation of state, we find that R = PV, nT 
The value of R is the value of PV/T for one mole of a gas. Since one mole of a gas 
is found to occupy a volume of 22.414 litres at 1 atmosphere pressure and 273.15K, 
we get 



_ 1.00 atm X 22.414 litre 


1.00 mol X 273,15 K 


= 0.0821 


litre atm 
mol K 


If the pressure is written as force per unit area and the volume as area times length 
we have 


R = 


FORCE 

- X AREA X LENGTH 

AREA 


nXT 


FORCE XLENOrU 
nXT 


Force times length has dimension of energy. It follows that R has the dimension of 
energy per degree per mole. Some of the more useful values of R are given in Table 


Example 3.4 

How many moles of hydorgen (Ha) are present in a 500 cm’ sample of 
hydrogen gas at a pressure of 760 mm of Hg and a temperature of 300 K7 


♦Since the volume of a given mass of a gas depends on both temperature and pressure it is necessary to 
state the values of T and P when the value of V is stated. The volume of a given sample of a gas is 
normally reported at 273.15K (0“C) and 101 33 kPa (1 aiml pressure. These values are called, 
STANDARD TEMPERATURE AND PRESSURE (STP;. 
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1 ABI r 3 3 

Values of Ihe Ideal (las Constant R in DifferenI Units 

n nsil lilre-miti K null ' K.31 Hi' erg K 'mol ' 

X21 ml-itim K 'mol ' K.3I Joule K 'mof'' 

62 3 Inrc-mm K 'mol ' I 9K7 cal K 'mol ' 

Solution 

In SI units, R = 8.31 kPa dm’ mol ' K '. It is necessary therefore to express the 
pressure and volume in kilopascals and dm’ respectively. 


Since 


P = 760 mm 101 3 kPa 
500 cm'= 0.500 dm’ 

T = 300 K 
n = 7 

PV 

n - RT 

= (101.3 X 0,500)/(8.31 X 300) 
2.03 X 10 ’ mol 


The above example show.s how to calculate the number of moles of a gas if 
pressure, volume, and temperature arc known. If in addition, the mass of the gas is 
also known, the molar mas.s of the ga.s can be calculated. 

Example 3.5 

The mass of 500 cm’ of hydrogen gas at a pressure of 760 mmHg and at 
temperature of 300K was found to be 4 09 X 10'’g. Calculate the molar mass of 
hydrogen. 

Solution 

We already know from Example 3.4 that n = 2.30 X 10''“ mol. Now molar mass 
(M) is given by 

M = m/n where m is the mass in grams 
Therefore, M = (4.09 X I0-’)/2.03 X 10"’ = 2.01 g mol'' 

The molar mass of a volatile liquid can be determined as in Examples 3.4 and 
3.5, if the mass of the vapour of the liquid (instead of the mass of gas) is known. It 
should be noted that a knowledge of molar mass of a compound and its empirical 
formula permits determination of the molecular formula (see Example 1.3). 
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It is a straightforward matter to determine the pressure of a confined gas if, 
volume, temperature, and number of moles are known. 

Example 3,6 

2.802 g of N: (molaf mass = 28,02 g mof*) gas is kept in a 1.00L flask at 0°C. 
Calculate the pressure exerted by the gas. 

Solution 

We illustrate here the choice of an alternative system of units by taking R = 0.0821 
L atm mof'K''. We are given 

V= 1.00 L 
T = 0‘'C = 273 K 

0.1000 mol 

P = ?' 

P = ilEI 

V 

=2.24 atm 

In Example 3.5, we have used the equation PV = RT instead of the equation 

m , ^ 

PV = nRT, by utilising the relation ~ whiclt expresses the fact that the number of 

moles of a substance is equal to the mass m of the substance divided by the molar 
mass. Since density (p) is mass per unit volume, i.e., ^ 

p = m/V 

It is possible to rewrite PV = ^ RT 

asP=j^ RT , * 

or M = 

This means that we can determine the molar mass M of a gaseous substance from 
its density at a given pressure and temperature. In general, the above equation 
permits determination of any of the foui variables M, p, T, P, if the other three are 
known. 

Example 3 7 

The density of a gas was found to be 3.43 gL*' at 300K and 1 00 atm. Calculate 
the molar mass. 
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Solution 


P = 1.00 atm; T = 300K;p = 3.43 gL' 


-1 


M 


= 3.43 X 0,0821 X 300 
I.OO 


= 84.5 g mol' 


Molar volume of a gas: In section 4 of Unit I, we had stated Avpgadro’s Hypothesis 
as “Equal volume of all gases at the same temperature and pressure contain equal 
number of particles’’. It is easy to see that this statement is a direct consequence of 
the ideal gas law, PV = nRT, since if P, V, and T are the same, then'n must be the 
same,- i.e., the number of particles must be the same. It also follows that at the same 
temperature and pressure n moles of any gas occupy the same volume, In particular, 
the volume occupied by 1 mol of any gas known as the molar volume must be the 
same at the same temperature and pressure. The molar volume of an ideal gas at 
STP is 22.4 L. Since 1 mol contains 6,02 X 10“ particles, 22.4 L of an ideal gas 
contains these many particles at 273 K and 1 atm. By combining Avogadro’s 

Hypothesis with the ideal gas law, it is possible to deduce volume relationships 
between reactants and products In a balanced chemical equation. 

Example 3.8 

Butane (OHiu) gas burns in oxygen to yiclB carbon dioxide and water. The 
chemical equation for the reaction is; 


2 C 4 H 10 + 1302 S CO 2 + 10 H 2 O 

S.OOLof butane is burned in excess oxygen at 27°C and 1 atm. Calculate how many 
litres of carbon dioxide are formed 

(a) at 27°C and I.O atm. 

(b) at 67° C and 2.0 atm. 

Solution 

In part (a), COzis formed at the same temperature and pressure as butane (C 4 H 10 ). 
It follows from the cherhical equation that 2 litres of butane will yield 8 litres of 

CO 2 . Hence, 20.0 litres of CO 3 will be released when 5.00 litres of butane are burned 
in oxygen. 

In part (b), we have to calculate the amount of CO 2 at 67°C (340K) and 2 atm. 
Thus we need to calculate how the volume of CO 2 is going to change as we change 
the temperature and pressure from the initial condition (i.e., 300K, 1.0 atm) to the 
final condition (i.c., 340K, 2.0 atm). 

P, = 1.0 atm; Ti = 300K; Vi = 20.0 litres 
Pi = 2.0 atm; Ti = 340 K, Vi = 
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or 


PiVi 

T, T2 

PiViTi ,, 1 00X20.0X340 _ ^ 

P 2 T 1 2 0X300 


In the next example, we show the application of the ideal gas law to a leaciion in 
which only one of the constituents is a gas. 

Example 3.9 

A simple method of producing oxygen in the laboratory is by heating potassium 
chlorate (KCIO 3 ) in the presence of manganese dioxide (MnOj) which acts as a 
catalyst. Calculate the volume of oxygen at 0°C and 1 atm when 12.25 g of KCIO 3 are 
heated m the presence of MnOi. 

Solution 

The equation for the reaction is 

2 KCIO 3 -- 2KC! + 3 O 2 


Which means that 3 mol of O 2 are produced by heating 2 mol ot KC10». Now 12.25g 
of KCIO 3 are equal to 0 10 mol since the molar mass of KCIO 3 is (.30 + 35.5 h 3 
X 16)gor 122.5 g. 

It follows from the equation that 0.10 mol of KCIO 3 will produce 0,15 mol of O 3 , 

The temperature and pressure for the reaction corresponds to standard cntuiiiion, 
i.e,, STP. We further know that for an ideal gas the molar volume is 22.4 I , i.e , 

Volume of 1 mol of Oa at STP = 22.4 L 

Volume of 0 15 mol of O 2 at STP = 22.4 X 0.15 L = 3,4 L 


3.1.6 Dalton’s Law of Partial Pressure 


So far we have considered the relation between P,V,T, and n for a gaseous system in 
which only one component is present. If several components are present in a gaseous 
mixture, it is necessary to make some modifications. The relationship between 
P,V,T, and n in the mixture of non-reacting gases is illustrated by the experiment 
shown in Fig, 3.7. The three vessels maintained at the same temperature have equal 
volume and each has a manomctei for measuring the pressure of the gas. Let a 
sample of nitrogen at pressure Pi be pumped into one vessel and a sample of oxygen 
at pressure Pa into the second vessel Now if both the samples are pumped into a 
third vessel, the pressure here is observed to be the sum of P| and Pj. This shows 
that each component independently contiibutes to the total pressure. 

This behaviour ol amixtureof two gase.s was first expressed in 1807 by .lohn 
Dalton and is known as Dalton’s law of partial pressure. This law .stpte.s ih li t 'he 
fojlSl.lJJ^sastus i'_ a ;■ .if lu'" '..aciirg gii ..s ^ ‘i,' n' ir l|•;‘ s. im of the 

pressures whic ^I'j' in: ic ip sepaiute.) n lie-■UMiner: 


V 
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p, = Pi + Pi + Pj +.. (T, V are constant) where Pi is the total pressure and 

Pi, Pj, Pi, . etc, are partial pressures of components 1, 2,3.etc. 



i'T'JPTV Vf*?" 

**»•%**•►*•'» n 

• I* 4 4 ' " 

oxygctti 
* • *. * 

u* * ♦ ^ h* »* * * 
*'* • ■,* ♦ 

I ^ * *• #4 • • \ 


siy 


T 

Pi 

jL 


p^:Tr:71 

V '*• f ‘V 
oxygen and*, 
r. -. nitrogen ‘.1 



Fig. 3,7 Dalian 5t law of partial pressurei, 


Example 3.10 

A 5.00 L flask contains 19.5 g of sulphur trioxide (SO 3 ) and 1.00 g of helium (He)., 
The temperature of the flask is 20°C. Calculate the partial pressures exerted by SO 3 
and by He and the total pressure of the gaseous mixture. 

Solution 

We make use of Dalton's law of partial pressure according to which each gas in a 
mixture behaves as if it alone occupied the container, Thus, we will apply the ideal 
gas law to SO 3 and He separately to determine their partial pressures. To do this, 
we need to calculate the number of moles of each. 

Molar mass of SO 3 = (32.1 + 3 X 16.0) = 80.1 g 
Molar mass of He = 4.00 g 


19 5 

Number of moles of SO 3 = ni 0,243 mol 

Number of moles of He = nz = 7 )3? — 0.250 niol 

A.IHJ 


Paiiial pressure of SO 3 = Pi = 


m RT _ 0.243X 0.0821 X 29 3 
V 5.00 


= 1.17 atm 


Partial pressure of He = Pj = = 0i250 X O^Q^^l X . 29 3 

= 1.20 atm 

The total pressure (P) is the sum of partial pressures i.e 

P = Pi +P 2 = 1.17 + 1.20 = 2,37 atm 
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3.2 KINETIC MOLECULAR THEORY OF GASES 

We have so far examined the behaviour of gases from an experimental point of 
view, Thus, Boyle’s law, Charles’ law, etc. are concise statements of experimental 
facts observed in the laboratory. Conducting careful experiments is an important 
aspect of the scientific method as it tells us how nature is behaving, However, once 
the experimental facts are established, a scientist is curious to know why nature is 
behaving in that way. For example, we would like to know “Why is the volume of a 
gas inversely proportional to pressure as stated by Boyle’s law?’’ To answer such 
questions, it becomes necessary to construct a theory. A theory is a model (i.e,, a 
mental picture) of nature which enables us to better understand our observations. 
The theory which-provides -an explanation, of ^the^observed features of- gaseous 
behaviour is known ^the kineti c molecular theory. It is an extension of the atomic 
molecular theory studied'uTtTnit 1; it assumes that not Mly are ajl si^bstances made 
of atoms and molecules but also that these at oms and mol ecules are in'Tconsfant 
state Oflnbtlon 

3 2.1 The Microscopic Model of a Gas 

The kinetic molecular theory of gases makes the following assumptions. Since all the 
assumptions relate to atoms and molecules which cannot be seen, the kinetic theory 
is said to provide a microscopic model of a gas. However, calculations and pre¬ 
dictions based on the kinetic theory agree very well with the experimental obserr 
vations thereby establishing the correctness of this model. 

’ (i) A gas consists of a large rlumber of particles (atoms or molecules) that 
are so small and so far apart (on the average) that the actual volume of 
the molecules is negligible compared to the empty space between them. 
This assumption easily explains the great compressibility of gases. 

(ii) There are no attractive forces between the particles so the particles move 
independently of each other. The support for this assumption comes from 
the observation that the gases expand to occupy all the space available to 
them 

(iii) The particles of a gas are not at rest but in a state of continuous motion. 
If the particles were at rest and occupied fixed positions, then a gas 
would have had a fixed shape which is not what is observed. 

(iv) - The particles move randomly in straight lines. Collisions with each other 

and with the walls of the container cause a change in the direction of the 
movement. In these collisions, it is assumed that there is no net loss of 
kinetic energy although there may be a transfer of energy between the 
colliding particles. (Collisions in which total kinetic energy remains 
constant are called elastic collisions.) This assumption is made because if 
there were loss of kinetic energy, the motion of the particles would 
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eventually stop. This would lead to the ‘collapse’ of the gas, contrary to 
what is observed. 

(v) The pressure exerted by a gas is the result of collisions of the particles 
with the walls of the container. 

(vi) At any particular time, different particles in a gas have different speeds 
and hence different kinetic energies, This assumption is reasonable because 

, a large number of particles imply a large number of collisions, As 
particles collide, we expect their speeds to change, Even if all the particles 
I had the same initial speed, molecular collisions wHl disrupt this Uni- 

I formity. Consequently, different particles must have different speeds which 

I will be constantly changing. However, it is possible to show that even 
though the individual' speeds are changing, the distribution of speeds 
I remains constant at a particular temperature. This distribution is referred 
to as the MaxwdJ-Bo/tzmsnn distribution in honour of the scientists who 
first discovered it. As we shall find out later, the^ Maxwell-Boltzmann 
distribution can be theoretically derived and it has also been verified 
experimentally. The distribution at two different temperatures is shown in 
Fig.3.8. 



Fig, 3,8 Molecular tpoeel distribution at two temperatures. 
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If a molecule has a variety of speeds, then it must nave a variety of 
kinetic energies. Under these circumstances, we can only talk about 
average kinetic energy It is assumed in the kinetic theory that the 
average kinetic energy of a molecule is directly proportional to the 
absolute temperature. This assumption is made because it alone leads to 
the equation PV=nRT, obeyed by gases at ordinary temperatures and 
pressures. 


THE RELATION BETWEEN AVERAGE KINETIC ENERGY 
AND ABSOLUTE TEMPERATURE 

You will learn in advanced courses that the mathematical treatment of 
the kinetic model of a gas yields the following equation, 

PV=l/3Nmu^ 

where N is the number of molecules in volume V, m is the mass of a 
molecule and u is the root mean square velocity ef the molecules. 

Since Nm = M, the molecular mass, we can write, 

PV=l/3Mu^ 

We also know that PV = RT for one mole. 

or RT=l/3Mu’ 

u2 = 3BI 
M 

Therefore, u = / 3RT 
. V M 

The root mean square velocity, u, can thus be calculated. For Hi 
molecule, u is 1.84 X lO^cm/ sec or 1.84 km/sec. For Ni molecule, u is 
0.493 km/sec. 


The equation, 


RT = j Nmu^Can be written as, 

RT = |x i X Nmu^ 


Since 1/2 mu^ is equal to the average kinetic energy. 


RT= |Ek 


(=|rt 


We thus see that the average kinetic energy is 'pponoptlotml to absolute 
temperature. 
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Explanation of Gas Laws on the Basis of the Kinetic Theory 

The molecular model of gases satisfactorily explains the gas laws as shown below. 

(i) Boyic’s Law; The kinetic theory assumes that a gas exerts pressure 

because of the collisions of the particles with thralls of the cohTmner. 
The magnitude of pressure should IherefoteydepenH on the'Tffiquenc'y of 
collisions, i.e,, on how often the colUsionaiak&Tplafce.. The frequency 
Obviously rlcpcnds or. the number o*" pnr'iclcs and on their avorape speed. 
When the iiumi'ni ol ga^ nrid lac ienipe:a’.ii'e c;v li.e r.i’nber 

of molecules and the average kinetic enegy—and hence the average 
speed—remain constant. (The second part follows from’ the assumed 
proportionality between temperature and average kinetic energy, i.e , when 
temperature is constant so is the average kinetic energy.) Now, if the 
volume of a fixed amount of gas is reduced at constant temperature, then 

! the particles will have less space in which to move about, Consequently, 
ij they will collide with the walls more frequently thus causing increased 
! pressure in agreement with Boyic’s jaw._ 

We shall leave it to you to reason out, on the basis of the molecular 
model, what should happen if the volume of a fixed amount of gas is 
increased at conslant temperature, Does your prediction agree with Boyle’s 
Law? 

(ii) Charles’Law/When a_rixed amount of gas is heated at constant volume, 
the molecule absorb cnerg) and iikac mmc. I iie\ I'leiel'ore, ’i'* ilu- 
walls harder often resulting iticrciisc m prcsMi e. Ilimesc, i the 
heating is done keeping the pressure "constant, then the volume has to 
increase.. The latter cnm.pfttisa.tpji thp. incrpiised fp rce of collisio ns by 
decreasing the n umber o f collisions p ei^unit. area. 

(iii) Daiton's Law: In the a*bsence”of attractive forces, the^jparhcles of^a gas 
behave independently of one anolhef.'TIirs”^! Ee true even' if there are 
more than one type of particles as happens In afnixtuTdlSf■pCsreST'-" 

The partial pressure of a gas depends only on the number of its molecules 
striking the walls and it is unaffected by the pressure of the molecules of other gases. 
Since the total pressure exerted is due to the impact of particles of all the gases, it 
follows that the total pressure will be equal to the sum of the partial pressures. 

A few comments on the Maxwell-Boltzmann distribution of molecular velocities 
(or speeds) shown in Fig.3.8 would be in order. According to this figure, there is 
only a small number of molecules with very low velocities or with very high 
velocities. Most molecules have intermediate velocities. The largest number of 
molecules have a velocity corresponding to the maximum of the curve. (This velocity 
is referred to as the most probable velocity). This behaviour is nothing unique to gas 
molecules alone. Such distributions are commonly found in other situations as well 
and many of them may be familiar to you. Let us consider one example. '' 
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In an examination taken by a large number of students (say lOd or more), if we 
look at the mark scored by students, we shall find an interesting pattern. Very few 
students get 100% marks and very few (or none) get 0% marks. Most students get 
marks between 0 and 100%. If we plot the number of students versus percentage 
marks we shall obtain a curve similar to the ones in Fig 3.8. The maximum number 
of students get a percentage (corresponding to the maximum in the curve) which 
represents the average performance of the class. 

In Fig,3.8 we have shown velocity distribution curves at two (emperatures. We 
see that the most probable value of the velocity (corresponding to the maximum in 
the curve) is higher at the higher temperature. This is what we would expect. As the 
temperature increases, the average velocity (average kinetic energy) of molecules 
should increase and more molecules should possess higher velocities. 

We conclude this part with a couple of calculations which nicely substantiate the 
fact that a gas is mostly empty space. 

Example 311 

O 

Atomic and molecular sizes are typically of the order of a few Angstroms (lA = 
10'*° m) Assuming that a Na molecule is spherical in shape with radius (r) = 2 X 
10'’°m (200 pm or 2 X 10“* cm), calculate: 

(i) the volume of a single N 2 molecule, 

(li) the percentage of empty space in one mole of N 2 gas at STP. 

Solution 

(i) Since the volume of a sphere is equal to 4/3 (rrR^) where R is the radius, 
the volume of a Ni molecule is: 

X (200 X lO'V cm° = 3.35 X 10''° cm° per molecule 

(ii) To calculate the empty space, we first calculate the total volume of 
Avogadro’s number of Nj molecules. This volume is: 6.02 X 10“ mole¬ 
cules X 3.35 X 10'“ cm° per molecule = 20.2 cm° per mole. 

However, the volume occupied by 1 mole of Ni gas at STP is 22,400 cm° 
Hence the difference (i.e., 22,400 cm° - 20.2 cm° = 22,379.8 cm°) is 
empty space 


Percent empty space = X 100 

Available volume 

= = 99.9% 


This calculation shows that particles of a gas occupy only a tiny fraction of the 
total gaseous volume. An overwhelming fraction of space in a gas is thus empty 
space. 
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Example 3.12 

Calculate the average volume available to a molecule in a sample of nitrogen gas at 
STP (i.e., at 273K and 1 atm). What is the average distance between neighbouring 
molecules if a nitrogen molecule is assumed to.be spherical? 

Solution 

One mole of nitrogen occupies 22.4L (22,400 cm^) at 273K and 1 atm. Since a mole 
of nitrogen has 6.02 X 10^^ molecules of N 2 it follows that the number of molecules 
per cm^ is. 

(6,02 X ]0”)/22,400 = 2.69 X lO” molecules per cm'. 

The volume available per molecule is 

l/(2.69 X 10 ”) = 3.72 X 10''“ cm' per molecule 
To get the average distance between neighbouring molecules, we note that the 
volume of a spherical object is 4/3 (ttR'), where R is the radius. Since the volume 
available per molecule is found to be 3.72 X 10'“cm', we have 

|(7rR') = 3.72X 10''“ cm' 

3.72X1Q~'°X3X7 cm' 

~ 4X22 

= 8.88 X 10'" cm' 

Hence R = 20.7 X 10'* cm 

This means that the volume available (on an average) to a N 2 molecule is the 
volume of a sphere whose radius (R) is 20,7 X 10'* cm. It follows that the average 
distance between two neighbouring molecules will be 2R = 41.4 X 10'* cm. In the 
previous example, the radius of a N 2 molecule is given as 2 X 10'* cm, i.e., the 
diameter is 4 X 10'* cm. Our calculation shows that the average distance is nearly 
ten times the molecular size which confirms the fact that much of the space in a gas 
is empty space. 

A similar calculation for liquid nitrogen and solid nitrogen shows that the 
average distance in the liquid state and the solid state is of the same order as the 
molecular diameter implying thereby that the molecules touch each other. This 
explains why it is difficult to compress liquids and solids but easy to compress gases. 

3.2.2 Deviation from Ideal Behaviour 

The PVT behaviour of gases has so far been based on the ideal gas equation, PV = 
nRT. This simple equation of state is approximately obeyedTBy'airg'aSeSTDevlAtillhs 
areliowever observed if measurements are carried out at h^hjpressu^es^m 1^ 
temperatures. A convenient way of showing the deviation o/'real gases from id^ 
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behaviour is to write the ideal gas equation in the form, 

PV = ZnRT where Z is unity, 

Or, Z = PV/nRT = 1 for an ideal gas 

The qu antity Z = PV/nRT is called the compressibilit y factor; Z — 1 under a ll 
conditionsTbTlirnaearpr'aiid'TtTffTlepSitinT'orTTeargasftmiiideali 
measured by the deviation of the compressibility factor from unity. The extent of 
deviation from ideality depends upon the temperature and pressure. 

The quantity Z often exhibits both positive (when Z>1) and negative (when . Z<1) 
deviation from unity Fig. 3.9 shows some examples of the non-ideal behaviour of 
real gases. We see that even at 1 atm pressure there are small deviations from 
ideality for all gases at any temperature. The extent of deviation at any given 
temperature and pressure, depends on the nature of the gas. Z approaches unity as 
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pressure approaches zero which means that PV = nRT is an approximate equation 
applicable at low pressure. 

Why do gases deviate from ideality‘s While discussing the ideal gas equation, we 
had made a number of assumptions. The fact that this equation is not obeyed means 
that some of the assumptions may not be valid. Let us re-examine two of the 
assumptions: (i) that the volume of the molecules is negligible compared to the 
empty space between them, and (ii) that there are no attractive forces between the 
molecules. 

We know that the volume of a gas can be reduced by applying pressure or by 
cooling the gas until the gas condenses into a liquid or solid (with finite volume). 
This implies that molecules in the gas must also occupy some volume. Under normal 
conditions of temperature and pressure, the volume of molecules is just about 0.1 
per cent of the total volume of the gas. At very high pressures (say 100 atm) or at 
very low temperatures, the total volume of the gas decreases appreciably (while the 
actual volume of the molecules remains the same), Under these conditions the 
volume of the molecules can no longer be neglected. 

The assumption that there are no intermolecular forces between gas molecules is 
not strictly true. The very fact that gases can be condensed to liquids and solids 
indicates that there arc attractive forces present between molecules. The attractive 
forces become large when molecules are crowded together. The pressure of a gas 
arises from the transfer of momentum between the colliding molecules and the walls 
of the container. If there are attractive forces between molecules, the transfer of 
momentum is somewhat impeded by the interaction between molecules. Conse¬ 
quently, the actual pressure will be less than the pressure predicted by the ideal gas 
equation. 

In Fig. 3.9, the regions where these two effects predominate are shown. For 
hydrogen at O^C, the molecular attractive forces are weak and the size effect 
dominates its behaviour. For nitrogen at 0°C, the attractive forces are large enough 
to cause negative deviation up to about 150 atm, beyond which the size effect 
dominates. For CO 2 , intermolecular attraction is large even at 40° C. The two effects 
compensate each other at 150 atm and 600 atm respectively in Nj and CO 2 and 
PV/nRT = 1. At very low pressures gas molecules are widely separated and both 
these effects become negligible. Accordingly, as the pressure is decreased, the 
behaviour of gases approximate more and more closely that of the ideal gas. At high 
temperatures, molecules possess greater kinetic energy and their tendency to aggre¬ 
gate decreases and the behaviour of gases is close to the ideal gas behaviour. Thus, 
we see that under the normal conditions in the laboratory, deviation from ideality is 
not very significant. 

A modification of the ideal gas equation was proposed by van der Waals in 1873 
f by taking into account both the factors mentioned above. The modified equation for 
1 one mole of a gas is given by 
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(P (V-b) = RT 

where a and b are constants depending on the nature of the gas.Jl^e terrnjjf^V_, 
corrects the deviation in pressure while the term b corrects the volume. 

3.3 THE SOLID STATE 

In this section, we will study the nature of the solid state. In crystalline solids (or 
crystals), there is a regular order in the arrangement of the atoms, ions or molecules 
constituting the solid and these particles are held together by fairly strong forces. 
We are familiar with many of the properties of solids on the basis of our daily 
experiences 

(i) Solids are rigid and have definite shape. 

(ii) Solids maintain their volume independent of the size or shape of the 
container in which they are placed. 

(in) Solids are nearly incompressible. 

(iv) Solids diffuse very slowly compared to liquids or gases. 

The above properties suggest that particles constituting solids occupy fixed positions. 

A study of solids is mainly a study of crystals since a large number of solids are 
crystalline. Many naturally occurring solid substances occur in the form of crystals. 
You must have seen crystals of common salt (sodium chloride), crystals of ice and 
blue crystals of copper sulphate. Crystals are characterised by the regular arrange¬ 
ment of atoms, ions or molecules in all the three dimensions. This regular arrange¬ 
ment gives rise to long range order in crystals. In a crystal of sodium chloride, 
experiments show that Na^ and Cl ions are located at alternate sites as shown 
below: 

Na" Cr Na* Cf Na* Cf 

Cr Na"' cr Na* Cf Na'^ 

Na^ Cl Na^ CT Na" CT 

cr Na* Cr Na^ Cl' Na* 

■ The arrangement shown above is only in two dimensions. In three dimensions we 
find that each Na^ ion is surrounded by a fixed number (six) of Cl ions and vice 
versa The origin of the three dimensional order in NaCl crystals is due to the strong 
coulombic attraction between Na’^ and Cl' ions. A similar regular arrangement is 
also found in other solids. The constituent particles in crystals are generally held, by 
strong interatomic, interionlc or intermolecular forces. Particles in a solid do not 
possess translational motion, but they vibrate about their equilibrium positions. 

Let us now consider what happens when a crystal is heated. As heat is supplied 
to the crystal the constituent particles vibrate more vigorously about their equili- 
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brium positions. Eventually the kinetic ener gy of th e particles becomes .■iufficien tlv 
large to overcome the binding forces and_ the_soUd„meItilQ_iQrjiL.a^^^ The 
temperature at which a solid melts a* normal pressure cfi lled tbe mp.ltin f i ppint of 
the solid, .\1iltiiii.- points ol sonic comnnm siibsianLes aie given in Table 3,5. 

Table .3 5 

Milling Points of s Few Substances 


Solid 

Melting paint 
(K) 

Solid 

Melting point 
(K) 

Oxygen 

55 

.Sodium 

371 

Nitrogen 

63 

Sodium chloride 

1077 

Ethyl alcohol 

159 

Magnesium chloride 

1260 

Carbon tetrachloride 

249 




Melting points of solids give a rough idea about the nature of the binding forces 
between the molecules, iops or atoms constituting the solid, I onic solids (e .g., 
sodium chloride, magnesium chloride) possess high melting points because_of strong! 1 
(coulombic) Attractive forces, On 'he ntner .Sat'd, Mili<|s T^av'-ig^wcatCjiitVaciiv^/ 
forces show low melting points (c.g, oxygen, nitrogen ). We will study in U nit ^ 
about different l>pes of bonding in solids. 

There are many solids where there is no long range order in the arrangement of 
the constituent particles. Such solids are" called amorphous solids, uiass is an 
example of an amorphous sc 5 Tld.* AltlTOagh"tlrgrri^ld brno long range order in 
amorphous solids, there would be some order jn the a rrangement of ..tb.6. nea rby 
neighbours (e.g., in ionic materials, the oppositely charged 10 ns would still surround 
an Ion).' Siic.l T cird^r lasting only shor t the infinite range of long 

range order) is called s hort range order . We thus see that crystals have both short 
range and long range order, while amorphous solids have only the former. 

Unlike crystalline solids, amorphous solids do not exhibit sharp melting pomts 


3.3,1 Classification of Solids 

Different structural features of solids can form the basis for classifying them, They 
may be roughly divided into two classes: true squpS- AMO pseupo. , & o lib s, A 
distinctive feature of solids is that they arc rigid, A true so lid has g shape.whic h it 
holds .,against mild distorting forces, A pseudo solid lacks t his character. It c an be 
more easnyTtRr5rfe3*Sy bending ant!.compressing roic.tf'i- .It nUU.lQnd. tp n,.m slowh 
even under its own weight and Jose shape I’lich and gla^s arc two tixamplcs ol 
pseudo solids. In old buildings, window-glasses are found to h a ve become some what 
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thicker at the bottom and thinner nea r the top. The rigid ity and s hape of pse udo 
solids arc otls anr^irnP^ch substances are belter described as super'COO'LED 
i,iou:i)s’ Wc vij'.! n.'i pi:'s',.e ri’cii ‘•uuly a" piescn: to say ovx '.hll'.g: psculv, 

soliardoTToTmeirsfiarply on being healeaTflieTgfadually soften over a wide range 
of temperatures and eventually lapse into a liquid state. 

Solids may exist in shapeless AMORPHOUS forms or in well shaped crystalline 
forms. Crystalline solids may be further classified according to the nature of particles 
constituting them and the binding forces between them (Table 3.6) 

AmorphojwsolidsJnrdude-substancesJike^ias^^ ^e^jilica^rufeljBlLa^^ 

of high molecular masses. They may even have small parts in crystalline and the rest 
in non-PfslainneTomP^ parts of an otherwise amorphous substance are 

called CRYSTALLITES When we try to cut a crystalline solid with a sharp edged tool 
it gives a clean cleavage, but an amorphous substance gives an irregular or con- 
choidal fracture (Fig. 3.10) Crystalline substances have a definite rigid shape or 
morphology Every crystal is contained within a well defined set of surfaces which 
are called PLANES Such a substance also has: (i) a sharp melting point, (ii) a 
characteristic heat of fusion, (in) a definite three dimensional arrangement of 
constituent particles, and (iv) general incompressibility. 

TABLE 3 6 

Crystal Types According to Constituent Particles 


Crystal type Constituent particles Major binding Properties 

forces 


Examples 


Molecular Small molecules van der Waals Soft, low melting, volatile, electrical Solid CO 2 and CH< 

forces insulators, poor thermal conductors, Wax, iodine, ice, 

low heats of fusion Sulphur 

Ionic Network of positive Strong electro- Brittle, high m.p,, poor conductors Salts like NaCl, 

and negative ions static attractions of electricity and heal, very LiF, BaSOi 

systematically high heats of fusion 

arranged 

Covalent A network of chemi- Covalent bond Very hard, high m,p., poor Diamond, silicon, 

cally bound atoms forces conductors of heat and electricity, quartz 

of one or more kinds high heats of fusion 

Metallic Positive ions in a Electrical attra- Very soft to very hard, low to high Common metals 

sea of electrons clion m,p., good Conductors of electricity and some alloys 

and heat, metallic lustre, ductile 
and malleable, moderate heats 
of’fusion 
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Fig. 3,10 Cutting solids: (») a crystal lim solid Sl'^rs a clean cut, (It) an amorphous solid gives an 
Irregular cut 

3,3.2 X-ray Studies of Crystals 

Much of our information about the structures of crystals at the level of molecules, 
atoms and ions has been revealed by their interactions with X-rays. Crystals are 
found to act as diffraction gratings for X-rays, This indicates that the constituent 
particles in crystals are arranged in planes at close distances in repeating patterns. 
W.L. Bragg and his father W.H. Bragg tried to locate relative positions of Zn and S 
atoms in a ZnS crystal by a detailed analysis of diffraction patterns formed with 
X-rays. Later, a method was developed by Debye, Scherrer and Hull in which the 
X-ray pattern could be obtained for a substance in powdered form instead of a 
single crystal. The diffraction pattern was taken on a circular film surrounding the 
powder target. Fig 3.11 shows one such diffraction picture. 


To decide about distances between 
constituent particles in a crystal from 
the pattern shown in Fig, 3.11 is a 
problem in physics, and we shall not go 
intp Us details in the present course. We 
shall refer here only to the involved 
basic la w known as Bragg’s law. T his is 
given bylhe following equatT^: 
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Fig. 3.12 A simple set-up for X-ray dlfflacllon 



Here d is the distance between 
planes of the constituent particles in 
the crystal, parallel to the plane on 
which the X-rays are incident, 26 is the 
angle made by a diffracted X-ray beam 
with the direction of the incident beam, 
X is the wavelength of X-ryas used, and 
n is an integer (1,2,3 .. etc.) which 
stands for the serial order of diffracted 
beams. Using Bragg’s law we can 


calculate distances between repeating 

planes of particles in crystals or using crystals with known interplanar distances we ' 


can calculate the wavelengths of the X-rays used. 


Example 3 13 

What will be the wavelength of the X-rays which give a diffraction angle, 26 
equal to 16.80° for a crystal, if the interplanar distance in the crystal is 0.200 nm 
and only first order diffraction is observed? 


Solution 

In the equation, nX = 2 d sin 6, n is equal to 1, Therefore, 

X = 2 X 0.2 X 10’’m X sin 8.40 = 0.4 X 0.146 X lO'^m = 0.0584 X 10'’m 
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3.3.3 Crystal Lattices and Unit Cells / 

The three dimensional distribution of constituent particles in a crystal can be found 
on the basis of diffraction of X-rays from the different faces of a crystal. Fig. 3.14 is 
an example of a three dimensional diagrammatic representation of a crystal, 
However, in the crystal, the constituent particles are packed as closely as possible. A 
representation of a crystal like Fig. 3.14, in which the locations of constituent 
particles are shotvn by points, is called the SPACE lattice or crystal lattice of 

the crystal. For every crystal lattice 
it is possible to select a group of 
lattice points which sets the pattern 
for the whole lattice. This three di¬ 
mensional group of points is called 
the UNIT CELL of the crystal and it 
is characterized by the distances, a, 
b and c along the three edges of the 
unit cell and the angles a, /3 and y 
between the pairs of edges {b,cj, (c,a) 
and (a.b) respectively. The whole 
crystal can be developed by a step¬ 
wise shifting of the unit cell in all 
the three directions. It is like building 
a whole block with the help of bricks. 

brickwork, heavy lines show unit cell). 

In all, seven types of basic or primitive unit cells have been recognised 
among crystals. They are called SEVEN CRYSTAL SYSTEMS or CRYSTAL HABITS. 
These are shown in Fig. 3.15 and their characteristics are listed in Table 3.7. In 
fact, a crystal consists of a large number of unit cells; this number depends on the 
size of the crystal. If the unit cell in a crystal lattice has lattice points only at the 
corners, the crystal is said to have a simple lattice. There are seven simple lattices 
based on the seven primitive unit cells. But all crystals do not have simple lattices. 
Some are more complex and it is not possible to discuss all of these at this stage, 
However, if we consider the cubic system of crystals, besides the simple cubic 
crystals, we often meet two other types of CUBIC CRYSTALS or cubic lattices. 
These are called FACE CENTRED CUBIC (fee) and BODY CENTRED CUBIC (bcc) 
crystals, Unit cells of all the three cubic types of crystals are shown in Fig. 3.16, 

During crystallisation all faces of a crystal do not grow at the same rate and, 
therefore, all crystals of a substance may not have the same ratio of axial edges as 
for the unit cell, but they will have the same axial angles. Actual crystals can differ 
in their final shapes and yet they may have unit cells of the same type. 



Fig. 3.14 A simple depletion of crystal lattice and 
unit cell (the whole crystal is like a 




Cubic 

Tetragonal 

Orthorhombic 

Monoclinic 

Hexagonal 

Rhombohedral 

Triclinic 


<,=^= 7 = 90 ° 

a=^=-y=90» 

a=^=7=90° 

0=7=90°, ^90° 

a=^=90°; 7=120° 

a=^=7#90° 

n7t^#7^90° 


Copper, Zinc blende,KCl 
White tin, SnOj 
Rhombic sulphur 
Monoclinic sulphur 
Graphite 
Calcite 

Potassium dtchromate 
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(a) 


OOCXDOOO 


(b) 



3.3.4 Packing of Constituent Particles in Crystals 
In the formation of crystals, the 
constituent particles get closely 
packed together. The available 
space is used most economically 
and a state of maximum' possible 
density is reached. Since the consti¬ 
tuent particles can be of various 
shapes, the mode of closest packing 
of particles will vary according to 
their shapes. We shall discuss here 
the packing modes of simple spheri¬ 
cal particles to which the common 
constituent particles of crystals ap¬ 
proximate. We shall further limit 
ourselves to spheres of equal size. 

By placing such spheres in a row 
in horizontal alignment, we develop 
an edge of a crystal [Fig. 3.17(a)]. 

By combining the rows we can 
build a crystal plane [Fig. 3.17(b)]. 

Combining of rows can be done 
in two ways with respect to the 
first row: 

(i) The particles in the adjacent 
rows may show a horizontal as 
well as a vertical alignment and 
form squares. This type of packing 
is called a SQUARE CLOSE PACKING. 

(ii) The particles in every second row are seated in the depressions between the 
particles of the first row. The particles in the third row will be vertically aligned witji 
those in the first row, and on. This arrangement gives hexagonal patterns and is 
called HEXAGONAL CLOSE PACKING. 



Fig, 3.17 Packing of spheres for efficient use of 
available space. (») edge formation, 

(b) two modes of plane formation 


The second mode of packing is evidently a more efficient one. It leaves less space 
unoccupied by spheres. In square close packing, a central sphere is in contact with 
four other spheres and in the hexagonal close packing, a central sphere is m contact 
with six other spheres (Fig. 3.17). 

For two dimensional packing, a hexagonally close packed layer gives a more 
efficient packing. Based cm this, let,us proceed further to consider a three di¬ 
mensional packing maintaining a hexagonal close packed pattern for the layers Fig. 
3.18 (a) shows the base layer in a crystal. 
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Fig. ii> close pecking of spheres: (a) Hextgonal close packed baic layer, (b) two layers 

together 

In this layer, let the spheres be marked with the letter A and the two types of 
voids left between the spheres be marked with the letters B and C as shown in 
Fig.3 18 (a) If a second layer is placed with spheres vertically aligned with those in 
the first layer its voids will also cover the voids in the first layer. This will amount 
to an inefficient filling of space. If we arrange the second layer so that its spheres 
are seated in the B voids of the first layer, the C voids will remain unoccupied as no 
sphere can be seated in them under this plan (Fig. 3.18 (b)). In the second layer thus 
placed, we shall have some second layer voids over the C voids of the first layer. We 
shall call these voids (made of two voids in two different layers) as C voids, There 
will also be ordinary voids in the second layer over the positions of spheres in the 
first layer We can call these as B'voids of the second layer. While the B and C 
voids o( the first layer are both triangular in shape, in the second layer, only the B' 
voids are triangular. The C'voids of the second layer are combinations of two 
triangular voids of the first and second layers with one triangle vertex upwards and 
the other triangle vertex downwards. A simple triangular void in a crystal gets sur¬ 
rounded by 4 spheres and is called a TETRAHEDRAL void or a hole. A double 
triangular void like C'gets surrounded by 6 spheres and is called an OCTAHEDRAL 
void (Fig.3.19) 

If a third layer is placed over the second layer, so that the spheres cover the 
tetrahedral or B'voids, we get one type of three dimensional closest packing in 
which the spheres in every third or alternate layers are vertically aligned. This 
^pattern is called the AB AB,...pattern. Alternatively if the third layer sphere covers 
the octahedral or C'voids, we get a packing in which the spheres in every fourth 
layer will be vertically aligned. This gives the ABC ABC..,, type pattern of stacking 
spheres, Both stacking methods are equally efficient though different in form. They 
can be repeated to any length. In a three dimensional packing of spheres the AB 
AB,...packing is called the HEXAGONAL CLOSE PACKING (hep) and the ABC ABC.... 
packing is called the cubic CLOSE PACKING (cep). The cep type packing tallies with 
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Fig, 3.19 Two types of voids in crystais (») u irahedrai void, (V) octahedral void 

the fee type paeking described earlier. Molybdenum, magnesium and beryllium 
crystallise in the hep structure. Iron, nickel, copper, silver, gold and aluminium 
crystallise in the cep structure. 

The voids or holes in crystals are also called INTERSTICES. Their sizes acquire 
importance when some non-lattice atoms (such as H, B, C, N) or ions are to be 
accommodated in them. When transition metals form crystals of hydrides, borides, 
carbides, and nitrides, the respective non-metals are accommodated in the interstices. 
Coordination Number, In the hep and cep modes of stacking, a sphere will be in 
direct contact with 6 other spheres in its own layer. It will also be directly touching 
3 spheres in the layer above and 3 in the layer below, Thus, a sphere has 12 closest 

neighbours in hep and cep stacks. It is said to have a coordination number of 12. In 
any crystal lattice, the number of closest neighbours of any constituent particle is 
called its COORDINATION NUMBER. Cooidination numbers of 4, 6, 8 and 12 are quite 
common in various types of crystals. 


3.4 THE LIQUID STATE 

We have discussed the nature of the gaseous state in sections 3.1 and 3.2, and the 
nature of the solid state in section 3.3. We now take up the study of the third state 
of matter namely the liquid state. The fact that the volume of particles (i.e., atoms 
or molecules) of a gas is negligible compared to the volume occupied by the gas and 
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the fact that the forces between the particles are also negligible, makes the behaviour 
of gases rather easy to understand Both these features are absent in the liquid 
state, the molecules of a liquid are close together and the attractive forces between 
them are strong. Compared to solids, molecules in liquids do not occupy fixed 
positions showing regular patterns. Thus liquids are neither completely disordered 
(as gases are) nor completely ordered (as solids are). This intermediate situation 
characterised by partial order and partial disorder complicates the study of liquids. In 
terms of the kinetic theory model, the nature of the liquid state is described as 
follows (i) There are appreciable attractive forces between the molecules, (ii) The 
molecules are relatively close together (iii) The molecules are in constant, random 
motion (iv) The average kinetic energy of molecules in a given sample is pro¬ 
portional to the absolute temperature . 


LIQUID CRYSTALS 

In a temperature range just above the melting point, some substances ate 
able to exist in a definite pattern as in a solid but can flow as in a liquid. 
The molecules of such substances have unusual shapes; they may be long 
and cylindrical (rod-like) or large and flat (plate-hke), These types of 
molecules are arranged in layers such that they move within a layer but 
not between the layers. Since the layers are static, a crystalline structure 
is possible which can diffract light. A liqyid crystal reflects only one 
colour when white light falls on it because light of only one definite 
wavelength can satisfy the Bragg relationship 2d sin 6 = nk. As tempera¬ 
ture increases the kinetic energy of the molecules, the layers shift on 
heating and the reflected light correspondingly changes. Even small 
temperature changes can be detected easily by this method. Liquid crystals 
for example, can be used to locate veins since the temperature of a vein is 
slightly lower than that of the skin. 

In the presence of even a weak electric field, rearrangfcment of the 
structure of the liquid crystal occurs changing it from a transparent to an 
opaque object. This property is used in the number displays of digital 
watches The requirement of very low fields makes this method consume 
little power and it is therefore widely used. 
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3.4.1 Properties of Liquids 

Let us see how some of the observed macroscopic properties of the liquids can be 
understood on the basis of this model, 

Volume: Liquids, unlike gases, have a definite volume They maintain their volume 
whatever be the shape or size of the container A 25 cm’ sample of a liquid occupies 
25 cm’ whether it is placed in a beaker, a conical flask, or a large round-bottomed 
flask. A liquid remains confined to the lower part of the vessel whereas a gas 
spreads out to fill the whole volume available to it. In liquids the molecules are close 
together so that the mutual attractions are strong and hence they are not quite free to 
occupy any space. Gases do not maintain their volume because the molecules in a 
gas are relatively independent of one another and can move rather freely into any 
available space. 

Density The closer approach of molecules in the liquid state, also provides an 
explanation for the fact that densities of liquids are about thousand times greater 
than the densities of gases under comparable conditions Compare, for example, the 
density of water at 100°C and 1 atm (0.958 g/cm') with that of water vapour at the 
same temperature and pressure (0.000588 g/cm’). 

Compressibility: Liquids are much less compressible than gases This is due to the 
fact that very little free space is available in liquids At 25®C, an increase in 
pressure from 1 atm to 2 atm, decreases the volume of a sample of liquid water by 
only 0.0045 per cent. The same change in pressure decreases the volume of an ideal 
gas by 50 per cent. 

Diffusion- Like gases, liquids also diffuse but they do so rather slowly Diffusion 
involves movement of molecules from one position to another In the liquid state 
molecules undergo a number of collisions with the neighbouring molecules. In gases, 
there is less obstruction to the moving molecules because of the large empty space 
available for movement, The slower diffusion of a liquid is thus easily under¬ 
standable. 

When a few drops of ink are carefully'released in water, there is a sharp 
boundary between the ink cloud and water. After some lime the colour spreads 
throughout the water. The time taken for this to happen is appreciable. But when a 
drop of bromine is placed at the bottom of a container it becomes vapour which 
soon spreads throughout the container. In the gaseous state, the diffusion is very 
rapid. 

Evaporation We know that when a liquid is place d-^n-aff-tiueirwessTHi-graduallv 
disappears because the liquid is convert ed into its vapour. This -Pfeeess Is -k tr ow Tras 
evaporation.~Htiw-dtrcs~cvaporattOn occuf? Molecules in the liquid phase escape 
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fro m the surface of the liquid into the spa ce ab ove t he liquid. This happens in spite 
of the3lrong-atti:active-forces„bctween.-the-moleeukfr4rr^fiauId. .TQ understand ho w 
molecules are able to escape from a liquid, reme mbe r thaf the ninip/^nlpi! in a Hgn M 
are in con stant motion and possess kinetic energy Althoiich t he temper atura-Qf the 
liquid is uniform and the a'.eiage iiinciic energy of the molecules is constant, not all 
the molecules base i!ie same kiiicttc encigy. In lionids, as in gases, molcculct, have a 
distribution of kineiic energies ranging *rom very low values to very high values. 
Consequently, a certain fraction of the molecules ht T Ke surface w Ul-have-ldneric 
energies large enough■to'overcbme the attractive forces of the neighbouring molecules 
and to escape into the space above the liquid surface, If the" temperature, is kept 
constant, the remaining liquid will have the same distribution of molecular energies 
and the most energetic fraction will continue to escape from the liquid into the 
vapour state. If the liquid is in an open vessel, evaporation will continue until no 
liquid remains. 

The number of molecules escaping from the surface depends upon the-inter- 
molecular aiiiaetive foices When these lotccs are stronger Icwei molecul es e.scape. 
The ability to evaporate, or the volatility of a liquid, indicates the strength of 
intermolecular forces in the liquid. Ether evaporaicv riiore readily than alcohol and 
alcohol evaporates quicker than water. The intermolecular attractive forces vary in 
the order, ether < alcohol < water. A rise in temperature increases the .kinetic 


EVAPORATION AND COOLING 

Since evaporation is a surface phenomenon, the increase in surface area 
increases the rate of evaporation. For example, a 5 cm’ sample of ether 
placed in a beaker evaporates faster than the 5 cm’ sample of ether 
placed in a test tube. That is why wet clothes are spread out for drying. 
A large surface area affords greater opportunity for the molecules of a 
liquid to escape. We have learnt that during evaporation, molecules 
having higher energy escape from the surface. They carry with them more 
than the average amount of kinetic energy and the less energetic molecules 
remain behind. This explains the conunon experience that temperature 
(which is proportional to kinetic energy) falls when liquids evaporate. For 
example, a drop of ether or chloroform produces a cool sensation on the 
skin due to evaporation. Can you now guess why a desert cooler is so 
■ effective in bringing down the temperature on a hot, dry summer day? 
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energy of molecules and they can escape more readily from the liquid surface. Hence 
evaporation of liquids increases with rise in temperature. 

jffeat of Vapourisation: The quantity of hea t required to evanorate..a.. p ,ivanJiqiiiH p t 
/coi^stant temperature is defined as the heat of evaporation or heat of vapflurisation. 
[The quahTity of heat'~aepmiHrmThi rs U eng t' h '''tjf -T u i ce y ''^rafEacSo^^ 

|nolecules m a liquid . Water has a relatively high heat of vapourisation because of the 
presence of strong attractive forces When one mole of water is comn'etely 
vapourised at 25“C, it absorbs 44,180 joule of energy from its surrounding 

HjO (1) + 44,180 joule-- HjO (g) 

The molar heat of vapourisation of water at 25“C is thus 44.180 kJ. 

Vapour Pressure: It 'Was mentioned earlier that a liquid placed in an open vessel 
evaporates completely. If, however, the liquid is allowed to evaporate in a closed 
system such as a stoppered bottle, evaporation starts and after some time, the level 
of the liquid does not change further and remains constant. This may be explained as 
follows. Molecules which evaporate from the liquid surface are confined to a limited 
space. These molecules may collide among themselves or with the molecules of air. 
In the process they are pushed back to the surface of the liquid, a process referred 
to as condensation At the start, the rate of evaporation is much greater than the 
rate of condensation. But as molecules accumulate in the space above the liquid, the 
rate of condensation increases. Eventually, a condition is reached when the rate of 
condensation becomes equal to the rate of evaporation. When two opposing 
processes proceed at exactly the same rate, the system is said to be in a state of 
dynamic equilibrium (Fig 3.20). In such a state, there is no observable change in the 



-r-r-. ■=— ■ III I-1 — ~-* 

(b) (c) 


Fig. 3.20 Allammehl of equilibrium in the evaporation of liquid , (a) initial itate, with evacuated space 
above iiquid, (b) intermediate stale, and (c) equilibrium state 
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system. The amount of the liquid in the bottle remains constant. The number of 
molecules in the vapour above the liquid is also constant (since on an average, for 
every molecule that evaportes there is another which condenses). The molecules in 
the vapour phase exert pressure. This pressure Is s'lnwn a? cquiU^nun' \anour 
presjure_ 0 £-simply aM£pur pressure;. Jhe s'iipoiu pressuie oi a ■. ..u ti has a ctv.i'-ajier- 
istic Value at a given temperature. The number of molecules escaping from the 
surface of the liquid increases with temperature resulting in an increase in the 
vapour pressure Fig 3.21 shows the temperature dependence of vapour pressure of 
some liquids, 



0 20 '40 60 80 

temperature (®C) 


f'lg. 3,21 Temperature ctepeiulence oj vaptme pleasure oj liquiels (a) ilieikyl eilii'i, (b) alhy/ bioirudf, 
{c)aeel(me, (d) betue/ie, (e) ethyl altuhol. (0 Maiei. ami [g) ot tane 

Boiling: When a liquid is gradually heated, the temperature of the liquid rises and its 
vapour pressure increases. At lower temperatures the equilibrium vapour pressure is 
much less than the pressure of the atmosphere acting on the liquid surface The 
vapour is therefore not able to push it? way through the bulk of the liquid and only 
a small amount of vapour escapes into the air from the surface. If the temperature is 
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increased until the vapour pressure 
becomes equal to the atmospheric 
pressure, the vapour formed within the 
liquid can freely rise through the liquid 
in the form of bubbles and escape into 
air (Fig. 3.22). When this happens, we 
say that the liquid is boiling. 

Although boiling and evaporation 
are similar processes, they differ in some 
j-espects. While evaporation occurs 
spontaneously at all temperatures, 
/boiling lakes place only at a particular 
temperature at which the vapour 
pressure is equal iO-the-pressufe-oFthe 
atmospherg^AnothfiLpamtaldifference 

evapoiation takes place only at the 
surface o f th e' l iduTd wTieTea^s ITnili ng 
involves the formation- of-buhhlfia_of 
vapoUr bel.ow.the suFface-oLtheLliiiuid. 

The temperature at which boiling 
occurs is called the boiling point of the 
liquid. 


ft 


P: 



vapour bubbles 


Fig. 3.22 Boiling of a liquid, at the boding poinl 
of a liquid, vapour pre.iwre of liquid Fi 
is equal lo pressure on liquid surface, Pi, 


lAt this temperature, the vapour pressure of the liquid is equal to the atmospheric 
I pressure T' 7 j---* ^ depends upon the atmo spheri c pressu re—The 

normal boi ' temperatureaTwHicEthe vapour-pressure of a 

liquid is equal to ('PC aiinosphcic Ii" Miliie laii be deieimiiied Horn ihe vapour 
pressure-temperature curve (Fig. 3 21j(. The normal boiling point of water is 100°C, 
that of ethyl alcohol 76°C, and of diethyl ether 35°C 

A liquid may be made to boil at any desired temperature by altering the external 
pressure. It may be made to boil at a higher temperature than the normal boiling 
point by increasing the pressure and it may be made to boil at a lower temperature 
by decreasing the pressure. Substances which decompose at their normal boiling 
points are usually made to boil under reduced pressure, This principle is used m 
purifying less stable liquids by distillation under reduced pressure, 


Surface tension; Surface-tension !•. ariLuhoi impoilai.i piop.'itv of lii;ald''jejaj^cd _to_ 
the intermolecular forces. A iiolecu'.c wc: u.:hiii ihc nodj .of dic.hqu.d is.dLicacied 
equally in a’i diiCL:!,)".s b\ ilic suiio-.r.di'ie mocculcs Ilovvcvci a.rnolcaiic or. the 
surface oTi'i.j m;;!!.,! N iiiiiacict' oniv In -iiO ccules b.lciw anil bCMc.' ' (I igj).23). 
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This creates an imbalance of forces at the 
surface. Consequently, molecules at the 
surface are pulled inward and the surface area 
of the liquid tends to be minimum -As atesult 
of the tendency to contract, a liquid ^urface 
behaves as if it were in a statt of-tension. This 
effect is palled surface tension. Surface 
tension is a measure of the work that must be 
done 10 expand ilie Miiface ol a liquid by unit 
area It is expressed in j oules/ or newton/ m. 

The surface tension of watei is 72,75 X 10'^ 
newton/m^d that of mercury is 475.0 X lo"^ 
newton/hi'. 

Fig. 3.23 Forces on a molecule at the Surface tension accounts for the spheri- 
surjace and in the interior ofr cal shapes of liquid drOJIS.-iLii-alsO 
a liquid, Arrows show direction 
of attractive forces, 

. responsible for the rise or, fall .of liquids in capillary-tubes. For example, wajer rises 
in a capillary tube, while mercury level m a capillary-falls. The concave jupward 
meniscus that we observe (when handling liquids in burettes and pipetfes) aj&o arises 
from the surface tension of liquids. 

pscosity. Contrary to sqlid5,.liquids,flow when a stress is ajpplied. This flow 
aesults because intermolecula: n '.'luiil', iiu. rciiit'.e’.;. ‘.''.iiill'imd I’qnhis are 

(largely incqrnpxessihle.„,5omc ln,.ul' '■kc. casloi ii-.i' ’loiiey i\)'A N'.owly while 
• Some other liquids such as keiuvw'ne dow Mp-d''. Ilu'-c (l.l’eienees .n ’low laies 
resultfrom aproperty known as siscosilt \iscosiit'', li-e si.nre ui a liquid lo 

( flow ' ■ ' “ 

The resistance to flow (viscosity) is iclated to intermoleciilar forc es: rfr on ge r the 
forces, highei is the viscosity When the temperature is raised, the" vi'sco.sity of liqui ds 
decreases. This. is..became, increase in temiierM!reJncr^q§a.t^^ 
energy of molecules which overcomes the attractive forces between them. 

>• n -TTTT -nil I| ml miiiiirr ~ mi-|,n ) | ^ || _^ 
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EXERCISES 


3 1 Explain the following observations. 

(i) Aerated water bottles are kept under water during summer. 

(ii) Liquid ammonia bottle is cooled before opening the seal. 

(lit) The tyre of an automobile is inflated to lesser pressure in summer than in winter. 

(iv) The size of a weather balloon becomes larger and larger as it ascends into higher 
altitudes 

3 2 A gas is enclosed in a room The temperature, pressure, density, and number of moles 
respectively are t°C, p atm, g cm'^ and n moles. 

(i) What will be the pressure, temperature, density and number of moles in each 
compartment if the room is partitioned into four equal compartments7 

(ii) What will be the values of pressure, temperature, density, and the number of 
moles in each compartment if the wall between any two compartments, say, 1 and 
2, is removed? 

(lii) What will be the values of pressure, temperature, density, and the number of 
moles if an equal volume of the gas at pressure P and temperature t is let inside 
the same room? 

3.3 Two flasks, A and B, have equal volume. Flask A contains H 2 and is maintained at 300 
K while flask B contains an equal mass of CH4 gas and is maintained at 600 K 

(i) Which flask contains a greater number of molecules? How many times more? 

(ii) In which flask is the pressure greater'^ (low many times greater? 

(ill) In which flask will the molecules move faster? 

(iv) In which flask are the number of collisions with the wall greater? 

3.4 The following table shows the effect of changing the pressure on the volume of a 
sample of gas - The temperature of the gas is held constant. 


Pressure (P) 
(atm) 
1.00 
0.90 
0.85 
0.75 
0.65 
0.55 
0.45 
0 30 
0.20 


Volume (V) 
(L) 

22.4 
24.9 
26.3 
29 9 
40,2 

40.7 

49.8 
74.7 
112 


( 1 ) Plot the following graphs; P vs V, (ii) P vs 1/V, (iii) PV vs P. Interpret each 
graph in terms of Boyle’s Law 
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(ii) One measurement in the table is wrong Identify il giving reasons. 

(lit) A-Ssuming that the pressure values aie correct, calculate the volume corre.sponding 
to the incorrect point. 

3.5 A weather ballobn has a volume of 175 L when filled with hydrogn at a pressure of 1.00 
atm. Calculate the volume of the balloon when il rises to a height of 2000 m, where the 
atmospheric piessure is 0.80 atm. Assume that the temperature is constant, 

3.6 A sample of helium has a volume of 500 cm^ at 373 K Calculate the temperature at 
which the volume will become 260 cm'. Assume that the pressure is constant. 

3 7 A sample of nitrogen gas occupies a volume of I 000 I, at a pre.ssure of 0.500 atm at 
40° C Calculate the pressure if the gas is compressed to 0 225 cm^ at — 

3.8 (i) How do amorphous solids differ from crystalline solids'* 

(ii) What are the different types of bonding in solids'? Cite at least two examples of 
each kind of bonding, 

3 9 The melting point is a rough measure of the attractive forces in solids Arrange the 
following solids m order of the increasing strength of attractive forces 



(K) 

Naphthalene 

353 

Sodium fluoride 

1272 

Water (ice) 

in 

Phosphorus 

317 

Zinc iodide 

719 


3 10 Explain the following statements 

(i) Sodium chloride pieces are harder than sodium metal 

(ii) Copper is ductile and malleable but brass is not. 

(ill) The latent heat of fusion of solid carbon dioxide is much less than that of silicon 
dioxide. 

(iv) Water has its maximum density near 277K. 

(v) Ice floats on the surface of water near the melting point. 

3.11 Draw a diagram to show the structural difference between the three types of cubic 
crystals. 


3,12 What are tetrahedral and octahedral holes in close packed stacks of spheres? What is 
the importance of these holes in crystals? 

3 13 X-rays of wavelength equal to 0 134 nm give a first order diffraction from the surface of 
a crystal when the value of 6 is 10.5° Calculate the distance between the planes in the 
crystal parallel to the surface examined 



STATES OF MATTER 


109 


3.14 Explain the following' 

(i) The boiling point of a liquid rises on increasing pressure, 

(ii) Drops of liquid assume a spherical shape 

(ill) The boiling point of water (373 K.) is abnormally high when compared to that of 
HiS (211 2K) 

(iv) The level of mercury in a capillary tube is lower than the level outside when a 
capillary tube is inserted in mercury. 

(v) Liquids like ether and acetone are kept in cool places. 

(vi) Tea or coffee is sipped from a saucer when it is quite hot 

3.15 (i) Which of the liquids m each of the following pairs has a higher vapour pressure 

(a) alcohol, glycerine; (b) petrol, kerosene, (c) mercury, water'^ 

(ii) Which one in each of the following pairs is more viscous (a) coconut oil, castor 
oil; (b) glycerine, kerosene, (c) soft drink, aerated water (soda watei)'> 

(ill) Separate portions of chloroform and water at the same temperature are poured 
on your hands The chlorofoim feels colder. Account for this in terms of attractive 
forces 

3.16 (0 What is the effect of tempeiature on; (a) density, (b) surface tension, (c) viscosity, 

(d) vapour pressure of a liquid'^ 

(li) What IS the effect of pressure on; (a) volume, (b) boiling point, (c) viscosity, of a 
liquid. 
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ATOMIC STRUCTURE 


Atoms contain electrons and electrons 
determine chemistry 


OBJECTIVES 

In this Unit, tve shall learn 

* the explanation of the following; 

Nuclear model of the atom, Bohr model of the atom, quantum 
mechanical model of the atom; uncertainty principle, de Broglie 
relation, Bohr frequency rule, Pauli exclusion principle; orbital 
concept, aufbau principle; 

* to write the electron configuration of atoms; 

* the shapes of s and p orbitals. 
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The AlOMic HYPOTHESIS suggested by Dalton and developed further by Avogadro, 
Cannizaro and may other chemists of the nineteenth century, regarded an atom as the 
ultimate particle of matter. It assumed that 
I (i) an atom cannot be subdivided, 

I (ii) atoms are neither created nor destroyed during chemical reactions, 

‘ (iii) atoms of the same element arc all alike; in particular, all atoms of an 
I element have the same mass, 

r‘(iv) atoms of different elements are not alike, in particular, their masses are 
different. 

Towards the end of the nineteenth century, experimental evidence established 
that an atom can be subdivided. It is now known that three of the most important 
constituents of_an atom are electrons, protons and neutrons. This observation led to 
a modification of the 15altonran’pTcture of an atom iralsS'led td a deeper under¬ 
standing of how the chemical behaviour of an atom is related to its internal 
.structure. The discovery of the electron had profound consequences in physics since 
it was found that the Newtonian laws of motion do not describe correctly the 
electron motion. This resulted in the formulation of a new mechanics called quantum 
mechanics, We will refer to some features of the quantum laws which are necessary 
to understand the electron arrangement in atoms. This will help us to analyse the 
chemical behaviour in terms of atomic structure 

Let us recall such facts about atomic structure as are common knowledge. An 
atom consists of a positively charged core called nucleus, which is surrounded by 
negatively charged particles called ELECTRONS. The nucleus accounts for almost all 
of the mass of an atom but the space it occupies i^'negligible compared to the size 
of the atom The electrons, on the other hand, hardly contribute anything to the 
mass of an atom but the region of space occupied by them defines the size of the 
atom. The nucleus of every atom consists of definite number of PROTONS AND 
NEUTRONS, A proton and a neutron have a similar mass but a proton is positively 
charged whereas a neutron is uncharged. 

It was through brilliant experiments and careful reasoning that the structure of 
the atom became understood. Let us briefly consider some of the more important 
experiments. You will learn this topic in greater detail in advanced courses in 
physics and chemistry. 

4.1 CONSTITUENTS OF THE ATOM 

The earliest evidence for the electrical nature of matter came from experiments on 
frictional electricity when it was found that substances like glass or ebonite when 
rubbed with silk or fur generated electricity. In the 1830 s Michael Faraday showed 
that chemical changes occur when electricity is passed through an electrolyte Faraday 
summarised his results in the form of two laws of electrolysis' 
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(i) If a fixed quantity of charge (i. e., current X time) is circulated through a 
cell, it produces a fixed amount of particular substance at an electrode. 

(ii) The number of moles of various substances liberated at an electrode by 
fixed quantity of charge are in the ratio of small integers 

These statements, known as Faraday’s laws of electrolysis, may be illustrated by 
an example. It is observed that if 96,500 coulombs are passed through a cell 
containing fused sodium chloiide, 1 mole of sodium is deposited at the cathode and 
1/2 mole of chlorine (Cb) gas is evolved at the anode These amounts remain fixed as 
long as the quantity of electricity is 96,500 coulombs. This is in agreement with the 
first law The mole ratio is 21; this is in agreement with the second law. 

The laws of electrolysis are similar to the law of definite proportion and the law 
of multiple proportion which you have studied in Unit I. It has been pointed out in 
Unit 1 that the laws of chemical combination suggest discreteness and identity. 
Faraday’s laws thus imply the discrete (i.e , atomic) nature of electricity. Stoncy 
named the ‘atoms’ of electricity ‘electrons’. 

4.11 Discovery of the Electron 

The reddish orange glow of neon signs is a familiar sight in the cities. A neon sign is 
a tube filled with neon gas at low pressure. When such a tube, called a CiAS 
DISCHARGE TUBE, is subjected to high voltage, TRe'gas be'dofnes conducting and 


to vacuum pump 



Fig. A.t Uiuhmin' tuhe , oiutrnlni' ii i,i low /irt'nKic H'/ini cki Hit tuneni imM llmmuh 
It einiLt < o/oiiri'il lif;/ii hloiiiii /iiijiii.m hi tin','ii;iin’j Theinhiiii ihpetids on the nature of thtf Has, Tha 
irinaiiiiiifi n'lriuii i\ dark (.iithiuii ia\ s niio, ;,■// to ,if<ht 
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begins to glow. The coloured glow results from the emission of light by the atoms of 
"'the gas. Experiments with gas discharge tubes in the latter part of the nineteenth 
century were helpful in identifying the constituents of an atom and they led to the 
discovery of the electron. 

Under ordinary conditions, gases are poor conductois Howcvei, if a gas is taken 
in a sealed lube to which two electrodes arc attached (Fig 4 1) and if the gas 
pressure in the tube is reduced to about 10 ‘ atm, the gas becomes conducting on 
applying a high voltage (5,000-10,000 volts) to the electrodes. The gas is found to 
emit light under thc.se conditions. The colour of the light depends upon the nature 
of the gas The emission of light ceases as the pressure is reduced to about 10 atm, 
but the gas continues to conduct electricity and the glass wall of the tube glows 
(fluoresces) with a faint greenish light, ft was observed that an object placed inside 


the tube casts a sharp .shadow on the 
wall of the gla.ss lube (Fig. 4 2) This 
experiment showed that the (luoresc- 
ence was due to the bombardment of 
the glass by rays emitted fiom the 
cathode and moving in straight lines. 
These rays were named fA'i tioiir rays 



Fig. 4.2 A sharp shadow of an objei l is cast by 
the cathode rays. The same observation in the case 
of light ray.! led to the corpuscular (i e., particle) 


model of light 


The application of electric and magnetic fields deflected the rays in the dischaigc 
tube thus establishing that they consisted of charged particles, The direction of 
deflection showed that the charge was negative (Fig 4,3) By measuring the deflection 
under the simultaneous influence of electric and magnetic fields, applied perpendi¬ 
cular to each other (Fig.4.4), Sir J,J, Thomson was able to determine the ratio of 
the charge (e) of the particle to its mass (m). The val^e ol ej m_^was, fg^igtle-^ 
1.76X10“coulomb/g and the particles were identified as”^iectfons. The ratio e/m was 



(a) (b) 


Fig. 4 3 Bending of cathode rays:{tl\ In an electric field, (b) In a fnagnelic field 
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independent of the nature of the gas in the tube as well as the nature of the cathode, 
thus showing that electrons are universal constituents of all matter.* 

measuied by Millikan in 1909 as 1.60 X IQ"” 
coulomb,w Ee'n combined with the value for e/m, this gives the mass of electron as 
Fig. 4 5 depicts the set-up used for determining the charge of an 

elecfronT^"''^ 



At moderate pressure, the stream of electrons in a discharge tube collides with 
neutral atoms or molecules of the gas producing more electrons as well as other 
particles which move towards the cathode as rays. The denection of these rays 
called canal rays m an electric field shows that they consist of positive ions ( Fig! 
4.6) The charge and mass of the positive ions are determined in the same manner as 
described above It is found that positive ions are typically about 2,000 times more 
massive than electrons; their exact mass depending on the nature of the gas in the 


4* 


A cathode ray tube is the heart of 
electromagnetic coils When the beam 


a television. The movement of cathode rays is controlled by 
striices the specially coated screen, it traces a luminescent image. 
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Fig. 4.5 Milllken t experimeni fur deiermlnolion of charge of electron. Oil drops are sprayed and 
allowed la fall in hciurcn two tharged plaie\. A droplet between the plates is observed through a 
microscope. The negatively i harged drops experience gravitational field in the downward direction and 
electric field In the upward direction. By adjusting the electric field strength, the two forces can be 


balanced. The drop then either remains.stationary 
the first law of motion) 

The experimcnls outlined above 
clearly showed that the atom was 
divisible, and that it could be split 
into charged particles Studies on the 
phenomenon of radioactivity discove¬ 
red hs lU'ciirc el aro.iiiii 1500 .I'-.o 
siii'py.i'ed tli.s eoi'.clas.dii Kadioac..- 
vity js th e spontapeoiu^ emis^ion^ of 
radint:on’''f)'y'"'cdtaiu elements like 
niilium. I hive kindi ■>'. i.idiat.on 
naiiied, n, /I and -..have been iden¬ 
tified. Their nature has been charac¬ 
terises^ by methods id'entreal To^'those 
used Tor characterising^ the,cathode 


or moves with constant speed, (in accordance with 



Fig. 4.6 The direction of deflection of the rays 
coming from anode shows that they consist of 
positive particles. These particles have been identJr 
fled as Ions produced by collision of electrbnswtih ' 
molecules of the reildual gas In the discharge lube, 
The nature of Ions depends upon the nature of the • 
residual gas. 
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rays. Alpha rays consist of positively charged He^^ particles (e = 3.20 X 10 ” 
coulomb, m = 6.6 X 10‘^^g) Beta rays are made up of electrons, while gamma 
radiation is high-energy electromagnetic radiation having no charge and negligible 
mass (Fig 4.7). 



Fig. 4.7 The a-, p-, and y-types of radioaciiviiy. It is found that the a-rays conmi of He^*ions, the 
p~rays are made of of electrons, and the y-rays are high-frequency eteciro-mogneiic radiation. 


4.1.2 Nuclear Model of the Atom 

The question that had to be answered next was with regard to the arrangement of 
the constituent particles inside an atom. J.J. Thomson proposed the first model in 
which the positive charge was assumed to be smeared over a sphere of radius 10'"cm 
with the electrons embedded in the sphere (Fig.4.8). The distribution of charge in an 
atom could be tested by shooting 


charged particles through thin metal 
foils and studying the resultant scat¬ 
tering of incident particles which 
would be governed by the distribution 
of positive and negative charges inside 
the atoms. Rutherford earned out this 
experiment for the first time in 1911 
using a-particles (which are doubly 
charged helium ions, He^^) as incident 
particles and a gold foil as the target. 
The scattered particles were counted 
in different directions. It was observ¬ 
ed that a majority of the a-particles 
went through the foil undeflected 
while only a small fraction was de¬ 
flected by small angles. The unexpec¬ 
ted feature was that one in about 



FIj. 4.8 The Thomson model of an atom. The 
positive charge was Imagined as being spread over 
the entire atom and the electrons were put tn this 
positive background. This model proved inconsistent 
with experimental facts. 
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Fig. 4.9 (a) a- panicle scattering from metal foils, a-particles are produced by a radioacitve source 
Since lead absorbs a-particles, a lead plate with a hole Is used to obtain a beam of a-parlicles. The 
scattered particles from the foil are made visible by the tiny flashes which they emit on striking a zinc 
sulphide screen. A microscope is used to view the flashes. 



Fig. 4.9 (b) A schematic view of the a-particle scattering by a gold foil. The black dots represent the 
nuclei qf gold ptoms. Most of the a-pariicles pass through with small deflection. A few, however, 
collide with the nuclei and suffer violent deflections. y 

20,000 particles came straight back suffering fi deflection of 180°. Such violent 
deflection can arise only if an intense electric field is present inside atoms. Calcula- 
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tions showed that a positive charge spread over a sphere of radius 10"*cm would be 
incapable of producing such a field; indeed the radius had to be of the order of 
10‘‘’cm to account for the scattering data. Figs 4.9 and 4.10 illustrate the various 
features of the scattering experiment. 


The scattering experiments dispro-_ -_— ^ 

ved the Thomson model and led to the__ x 

nuclear model of the atom in which_/ Q r- - 

the positive charge is spread over __ 

sphere of radius 10''^ cm—the so-called 
nucleus—and the electrons are outside 
the nucleus at a distance of about I0'“ 
cm to account for the typical size of” 
atoms.* It is about 10’*cm to account" 
for the typical size of atoms.* It is 
possible to calculate the positive charge 
on the nucleus by counting the number 
or ffl-particles scattered in different 
directions. In this manner it was found 
that the charges of different nuclei are 
always integral multiples of the electron charge but with the opposite sign. Thus, if the 
electron charge is designated as -e, the nucleus of a hydrogen atom is found to have a 
charge +1 e, the nucleus of a sodium atom +11 e, and that of a uranium atom +92e, This 
integer value is called the atomic number and denoted by the symbol Z. Furthermore, 
since atoms are electrically neutral, one has to assume that there are as many electrons 
m an atom as the net positive charge on the nucleus. This means that the hydrogen 
atom has one electron, the sodium atom has 11 electrons and the uranium atom has 92 
electrons. 


FIj. 4.10 (») On iht bash of Thornton's model, 
panicles wilt be de/lecied through small angles only. 
This Is because the positive charge m Ihe Thomson 
model Is spread uniformly over the entire volume 
resulting In a relatively weak field. 


The positive charge of a nucleus is due to the positively charged particles called 
protons. The proton charge is equal to the electron charge in magnitude, but 
opposite in sign. This means that the atomic number of a nucleus is equal tij the 
number of protons in that nucleus For example, the nuclei of hydrogen, sodium 
and uranium atoms have 1, 11 and 92 protons respectively. But whereas the 
charge of a nucleus is eritirely due to the protons, the mass of a nucleus is not due 
to the protons alone. This is because of the facts that nuclei contain another particle 


* (i'- ">’) tunes larger than the nuclear size. We can 


unii icon 

would be a sphere of about 5 km radius! Atoms are mostly empty space. 
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Klg. 4.10 (b) Resutis of the scaiurtng experiment which is expected on the basis of Rutheford's 
model. Experiments support these, 

called neutron which is chargeless and which has a mass very nearly equal to the 
proton mass. The neutron was identified by Chadwick in 1932. The total number of 
protons and neutrons in a nucleus, denoted by the mass number (A), determine the 
nuclear mass. For example, the A values for hydrogen, sodium and uranium nuclei 
are 1, 23 and 238 respectively. From the definition of A and Z it follows that 
(A—Z) represents the number of neutrons in a nucleus. Further, since the mass of an 
electron is negligible compared to that of proton or neutron, the mass of an atom is 
virtually equal to the nuclear mass. 

The atoms of many elements have nuclei which contain the same number of 
protons but different numbers of neutrons. Such atoms with nuclei having the same 
value of Z but different values of the mass number, A, are known as the isotopes of 
the element. Many isotopes were discovered by measuring e/m with help of an 
instrument called mass spectrometer. For example, hydrogen has the following three 
isotopes: one isotope with Z = 1, A= I (i.e. one proton only), the second isotope 
y = \ A = 9 ri p nne nroton and one neutron) and the third one with Z = 1, 
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A = 3 (i.e oive proton and two neutrons). The term ‘hydrogen’ is strictly used only 
for the first isotope while deuterium (symbol D) and tritium (T) refer to the second 
and the third varieties respectively. The isotopes of other elements do not have 
special names; they are indicated by giving the A value on the symbol for the 
elements. Thus, are the isotopes of uranium. 

The Rutherford model of the atom could explain the results of a-particle 
scattering. However, it had to explain the results of many other experiments before 
it would be accepted. This topic is discussed in the next section. 


4.2 ELECTRONIC STRUCTURE OF ATOMS 

The chemical behaviour of an atom is mainly controlled by its electronic structure. 
The term ‘electronic structure’ means; (i) number of electrons, (ii) the distribution of 
these electrons in the space around the nucleus and (lii) the relative energies of these 
distributions. We have seen that the number of electrons is determined by the 
atomic number of the elements. To better understand (ii) and (iii) above consider the 
hydrogen atom, which is the simplest atom. The hydrogen atom contains only one 
electron. The study of the emission spectrum of light by the hydrogen atom provided 
the most important clue to its electronic structure In order to understand the 
emission spectrum we shall briefly examine the nature of light, 


4.2.1 Nature of Light and Electromagnetic Waves 


i 

i 


The earliest viewof^light, due to Newton, regar^^Jtjis.a,streg]]ij 3 ^ 
commonly termed as cprpuscles of_hght. While this view explained the cxpcrimenlal 
laws of reflection and refraction 6t light, it failed to account for the phenomena of 
interference and diffraction. The cmpuscular theory was therefore discarded and 
replaced by the wave theory which"considers Jight to be a form of wave motion. 
Now,^as we know, waves are characterised by. wavelength _(X), frequency (v) and 
speed'brpropagation'(c), which are related by the equation 

Xv = c 


The speed of light has been determined and is found to be constant in vacuum. 
It has the value o f 3.00 X 10^ meters/sec. The different colours, e.g blue, red, green 
etc. have different wavelengths or different frequencies. Towards the end of the last 


century, it was shown that li ght^waves are e lectromagnetic in nature ( i.e. they are 
o<;c.llalioiis of electric aud uiagiie;ii. hciJs ii. »pd..c7In otK^TlivordsTTrg^^ 
riiagneiic i.idiiiiicii \ a: oun i>pes ol eleciroaiagncuu ladiations having various wave¬ 
lengths (or frequencies) are now known. They constitute the so-called electromagnetic 
spectrum. 


Different regions of the spectrum are identified by different names. Some 
examples are- radio frequency region, around lO^Hz*, used for broadcasting; 
microwave region (around lO'® Hz) used for radar, infrared region (around JO” Hz) 


Hz. stands for Hertz* 1 Hz — 1 cycle per second (cps) 
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which is the heat radiation; and ultraviolet (around a component of the 

sun’s radiation. The small portion known as the visible spectrum (around JO’’ Hz) is 
what is ordinarily called light. It is the only part which our eyes can detect. Special 
instruments are necessary to detect non-visible types of electromagnetic radiation. 

Example 4.1 

The Vividh Bharati station of All India Radio, Delhi broadcasts on a frequency of 
1,368 kHz (kilo hertz). Calculate the wavelength of the electromagnetic radiation 
emitted by the transmitter. 

Solution 

The wavelength, X, is equal to c/v where c is the speed of light (electromagnetic 
radiation in vacuum at the speed of light) and v is the frequency. Substituting the 
given values, we have 

, _ 3.00XlQ*ms'' _ 3.00XI0°ms~‘ 

1.368 kHz 1,368X10V‘ 


Example 4.2 

The wavelength range of the visible spectrum extends from violet (400 nm) to red (750 
nm), Express the wavelengths in frequencies (Hz), [nm, the abbreviation for 
nanometer, is equal to 10"’ m.] 

Solution 

Frequency of violet light = ^ = 7 50 X lO^Hz 

Frequency of red light = | = J-ir = 4 00 X lO'^Hz 


Another property of light is that it is a form of energy. This is quite obvious to 
all of us who instinctively avoid the heat of sunlight during the summer and 
welcome it on a cold day. How much energy is carried by light? The answer to the 
question was given at the beginning of this century by Albert Einstein who based his 
consideration on the earlier work of Max Planck. He showed that light energy is 
carried in p.ackets named photons. The energy of a photon is related to the frequency 
(i') of the light wave by the equation, E = hi'. Here, h is a universal constant known 
as Planck’s constant.lt has the value of 6.63X10'^'* joules secor3.99X10''^kJsecmor‘ 
This relation, verified experimentally, is valid for all forms of electromagnetic 
radiation. It shows that the higher the frequency (or the lower the wavelength), the 
more energetic are the corresponding photons, The photon hypothesis amounts to 
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saying that light has a corpuscular character. The fact that light exhibits diffraction* 
means that light also has a wave character. Thus, experimental facts show that light 
has a dual (i e,, particle and wave) character. 


4.2.2 Atomic Spectra 

When a sample of gas.ia Jteated, the atoms, and, molecules of the gas emit electro- 
magimtigjadiation. of definite frequencies. This set of definite frequencies is referred 
to~as an emission spectrum of the particulai atom or molecule, 'llie characteristic 
radiation frequencies that are absorbed by atoms or inoleciile-. coiisiilule their 
absorption spectra. We shall now briefly discuss some aspects of atomic spectra. 

The study of emission spectra was started by Bunsen and by Kirchoff around 
1860 The instniTicPt which analyses the wavelength of the emitted ladiation is 
i^calle^a ipclitroscoptr S"i:l' atoiny of djflcieni eicmenis were lound to emit characte- 
|ristic scTS'of wavefengthT,'"emission spectra became useful in chemical analysis to 
I identify and estimate the elements present in a sample The elements rubidium and 
( cae.sium were discovered this way. Other alkali metals like lithium, sodium and 
potassium are detected in qualitative analysis by the flame test. A simple experiment 
can he carried out at home by heating a copper vessel over a gas flame. A beautiful 
green flame, characteristic of copper compounds, will be observed 

The most st riking feature of atomic spcctia is that the, emitted (or absorbed) 
radiation has very sharp, dlscietc wavelengths Ihesc spectra are, therefore, also 
knowtt^Tme'specffan'KelydfogSn'atbm'f^TcH contains only one electron) gives 
by lar rhe simplest pattern, Balmet showed In 1885 that il spectral lines are 
expressed in mrms of inverse of wavelength (\“' or p), then the visible lines of the 
hydrogen atom spectra obey the,formula; 

i=F(cm-‘)= 109,677 (^-iz) 

where n is an integer equal to or greater than 3 (i.e., n = 3,4,5.). 

Example 4.3 

Calculate the wavelength from the Balmer formula when n = 3. 


Solution 


7 (cm-‘) = 109,677 -^] = 109,677 (^) 


_1 _ 


36 


1 —i — 

F 5X109,677 


= 656 nm 


• Diffraction is a property of waves in which the waves spread out on encountering an obstruction (e g., 
a small hole) comparable in size to the wavelength. You can observe diffraction by viewing a street 
light through a piece of fine cloth; the light will appear blurred due to diffraction. X-ray diffraction is 
an important technique for studying crystal structures. 



ATOMIC STRUCTURE 


123 


PHOTOELECTRIC EFFECT 


When the surface of metal is exposed 
to light, ejection of electrons from the 
metal takes place, if the frequency of 
light is greater than a certain minimum 
value characteristic of the metal This 
phenomenon is known as the photo¬ 
electric effect, A simple example of the 
effect is emission of electrons by 
potassium metal^ U is observed that 
violet light is ajile to eject electrons 
from potassium but red light (which 
has lower frequency) has no effect. 


The explanation for the frequency dependence of the photoelectric 
effect was given by Albert Einstein in 1905 who was awarded the Nobel 
Prize for this work. Einstein argued that the wave model of light cannot 
explain the observed facts. However, if light is regarded as consisting of 
particles (now named photons) such that the energy (E) of a photon is 
related to the frequency (v) by the relation E = hv, then it is easy to 
understand the photoelectric effect. Einstein assumed that an electron is 
ejected from a metal when it is struck by a single photon. It follows that 
the photon must have sufficient energy to release the electron from the 
attractive forces of the metal. If the photon has insufficient energy, then 
it is obvious that it cannot remove any electron no matter how many 
photons strike the metal. The experiment with the potassium metal 
referred to above can now be explained as follows. The photon of red 
light does not have enough energy to remove an electron from potassium. 
However, a photon of violet light has more energy because of higher 
frequency and it is therefore able to eject electrons. When the photon 
strikes the metal, its energy (hv) is absorbed by the electron causing the 
photon to disappear. A part of the photon energy is used tor free this 
electron and the excess shows up as the kinetic energy of the released 
electron. In equation form, we have the result 
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hi^ = W + KE 

where hi' is the energy of the photon, W is the energy required to 
overcome the attractive forces on the electron in the metal, and KE is the 
kinetic energy of the free electron. An application of this equation is 
given in Example 4.4 

Example 4.4 

When electromagnetic radiation of wavelength 300 nm falls on the surface 
of sodium, electrons are emitted with a kinetic energy of 1.68 X lO’J mof*. 
What is the minimum energy needed to remove an electron from sodium? 
What is the maximum wavelength that will cause a photoelectron to be 
emitted? 

Solution 

The energy (E) of a 300 nm photon is given by 

^ . _ he _ (6.63 X lO'^Js) (3.00 X I0“m) 

X" 300X 10‘^m 

= 6.63 X 10‘”J 

The energy of 1 mol of photons = 6.63X10'‘’J X6.022X10” 

= 3.99X10’Jmor’ 

The minimum energy needed to remove a mole of electrons from 

sodium = (3.99 — 1.68) lo’ J moT' 

= 2.31 X 10’Jmof' 

• • 2 3IX10^T 

The minimum energy for one electron = -- 

6.022X10 electrons 

= 3.84 X lO'^J per electron 


This corresponds to the wavelength 518 nm (i.e, green light), 
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Soon afterwards, Rydberg showed that the more general expression, 

i;(in cm"') = 109,677 (i-ij 
02 ni 


where ni and na are integers, such that ni > ni, can reproduce all the observed 
spectral lines of the hydrogen atom. (The Balmer formula gives only the spectral 
lines m the visible region.) The^c^nstant J[p9^677^.wJ5j^^has_tbe,j^ 
reciprocal length and is characteristic of the hydrogen atom, ,is callfid. the Ryclherg 
coTMant-'^™"' 

Atomic Spectra and the Rutherford Model: As stated earlier, Rutherford established 
on the basis of the scattering experiments, that an atom consists of a heavy 
positively charged nucleus with lighter negatively charged electrons moving outside. 
This model of the atom is like a small-scale solar system with the nucleus playing 
the role of the massive sun and the electrons being similar to the lighter planets. 
Furthermore, the coulomb force (qiq 2 /r^, where qi and q 2 are the charges and r is 
the. distance of separation of the charges) between and electron and the nucleus is 
mathematically simifar to the garvitational force (-Gmim 2 /rj) between a planet and 
the sun. When the Newtonian theory was applied to the solar system, it showed that 
the planets describe well-defined orbits around the sun which persist forever. The 
theory could also precisely calculate the planetary orbits and these are in impressive 
agreement with experimental measurements. The^imilarity between the solar system 
and the nuclear model suggests that electrons should move around the nucleus in 
well-defined calculable orbits. However, there arises a difficulty. In following an 
rbit, a body undergoes acceleration. (Even if a body is moving with constant speed 
an orbit, it must accelerate because of changing direction.) So an electron, deserjb- 
ig planet-like orbits, will accelerate. According to the electromagnetic theoQi- of 
laxwell, charged particles when accelerated should emit electromagnetic radiation. 
(This feature does not exist for planets since they are uncharged.) Therefore, an 
llectron in orbit will emit radiation;, tbe energy carped by radiation coming from 
electron motion. The orbit will thus continue to shrink Calculations show that it 
should take an electron only 10'“s to spiral into the nucleus Thus, the Rutherford 
model cannot explain the stability of an atom if the motion, of the electron is 
described on the basis of Newton’s laws of motion and the. cleclromagnelic theory. 
Since the latter also predicts that the frequency of ladiat ion o f a c harfic d body-is 
[equal to the freqiiency'OTrevolution, it Tolies £fi‘aras''fKe electron orbit continuously 
I changes so would its frequency of revolution The atomic spectra should have been, 
(therefore, continuous rather than discrete This i s in disagre ement with the observed 
facts. The essence of the problem can then be summarised as‘fbllFws”'Scaffering 
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experiments require a nuclear atom, but if electron motion is calculated using 
Newtonian laws, then the Rutherford atom can neither have stability nor exhibit line 
spectra. Obviously some new ideas were required to solve the puzzle. Since the 
hydrogen atom contains only one electron, and is therefore the simplest atom, it was 
natural to tackle this problem first. 


4.2.3 Bohr’s Model of the Hydrogen Atom 

The first attempt to explain the structure of the hydrogen atom was made by the 
famous Danish physicist, Niels Bohr in 1913. Bohr introduced two novel ideas. The 
first one I'' that an electron in an atom is allowed only certain stationary states. In 
these States, an electron emus no imhation and therci'oie its cnciey remains I'l^d. 
The term stationary does not mean that the electron is stationary but only that the 
electron energy'is ‘stationary, i.e, not changing with time. Such an idea \yas 
introduced because it was In accord with the known stability of atoms.' , 

The energies of different'stationary states vary. Under certain conditions, an 
electron makes a tian- lio-i from a 'ttatc of higher energy to a state of lower energy. 
The difference in ei'cigs :s ilien guen out in the loim of. radiation.. TheJ&obr rule 
relating the energy difference to the frequency of radiation has the form 

’ Ej-E, = hi/ 

where E 2 is the energy of the highersTafeTETThe energy of the lower state, v the 
frequency of radlatiqn emitted, and ,hXiannkX&Qn8,!JH3t Bohr was led to this idea by 
the two features of the spectrum of hydrogen atom mentioned earlier. If Ez and Ei 
can only have some-SR^9.ial values, then, it follows that v can'also have only special, 
and not all, values. Further, if the energies are characteristic of an atom, so will the 
emitted frequencies be. ~ 

From Bohr’s model one can calculate the energ ies o f various stationary states in 
the hydrogfen atom. The ena ritv^fSB-'k.of-eaeKltffionarv state; alsoTSlISa^ahTnel^' 
level, is given by the.expiession 


E„ = 


_-1312 


kJ mof 


where n is the quantum number of the energy level and has the values 1,2,3. 

Thus for each value of n, there exists a possible energy level for the electron, the 
v^alue of the energy being given by the above expression. Since the lowest permissible 
yalii e of n is 1, the lowest_£iis igv level—jailed the ground state—has a value of 
T 1312 kJ mol . The negative sign has.arisen because the zero energy state is takeiT^ 
whSHThTTiyarogen atom' is Tohised (i.e. The eketroq is..far removed from the 
nucleus). In.olher words, comparedTO' the ionised atom, the electron in a hydrogen 
has less energy, i.e., the atom is more stable. If we wish, to ionise a-Jhy drqgen,,. 
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atom, we will have to supply + 1312 kJ mol"' of energy. The ionisation energy of a 
hydrogen atoiri is flTereforeTOT 2 kJ rnoP ^ 

The eriefgyle^l formula derived by Bohr, correctly reproduces the hydrogen 
atom spectra. Example 4.5 shows this by using the Bohr formula. 

Example 4 5 

Calculate the wavelength of radiation emitted when an electron in a hydrogen atom 
makes a transition from an energy level with n = 3 to a level with n = 2. 

Solution 

The energy levels for n = 2 and n= 3 are 

E 2 = - kJ mof'; E 3 = - kJ mof^ 

AE — Einitial Efinal ' 1312 “) 

= 180.2 kJmoT' 

To get the energy emitted by one atom, the difference m energy obtained above for 
one mole is divided by Avogadro’s number, i e , 

182 2 I 

AE (per atom) 92 )^ 10 ^ atom 

= 3.03X lO"'" Jatom"' 

This energy is carried by one photon so this value is also the energy of the 
photon To obtain the wavelength of the photon, we use the well known relations 


E = hv and v = 


c 

\ 



Substituting for h = 6 63 x 10"^‘* Js 
and c = 3.00 X lO" ms"' 

We get 


X r6.63X10~^‘'lXf3.00X10°l 
3.03X10 


X .= 6.56 X lO'^m 
X = 656 nm 

(in agreement with the vlaue obtained earlier.) 

The idea that the energy of an electron in an atom cannot have any arbitrary 
value but only certain characteristic values is commonly expressed by the statement 
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that the electron energy is quantised. ‘Quantisation’ means that a quantity does jipt 
vary continuously. Let us take two familiar examples to clarify this point. The 
indicator on the dial of a car moves continuously because the speed of a car can 
have any value But the fare meter of a taxi changes discontinuously because the 
fare can only have values in multiples of 20 paise. One would say that the fare is 
quantised but not the speed Quantisation of energy in atoms and molecules \s a 
firmly established fact now because it has been possible to verify by direct experi¬ 
ments. 

Bohr’s theory worked perfectly for the hydrogen atom but it failed to predict 
spectra of more complicated atoms. It was clear that though Bohr’s ideas were an 
important advance, they were not adequate to solve the problem of the electronic 
^ structure of the atoms. 

I 

4 2.4 Quantum Mechanical Model of the Atom 


The French physicist, Louis de Broglie, made a bold suggestion in 1924 He argued 
that since light has been found to have a dual characterT i.e,, it behaves-like-waves 
and likT'particies, it is possible that electrons also possess a dual character. De 
Brogli e, furthe r proposed^ from his mathematical theory that the waivelength (X) 
sL(|u13 be refated to tlie' momentum (pjhy Ihc equation 

X = h/p 

where h is Planck’s constant. De Broglie’s idea was soon verified experimentally by 
observing diffractioii effects with an electron beam This fact is put to useTh makTng 
an electron n 1 lClo^c()pc uhich i' i)a>ed or: 'he wave-likc behaviour of electrons just 
as an ordinary microscope utilises the wave nature of light An electron microscope 
IS a powerful tool in modern-scientific research because it achieves a magnification 
of about 15 million times. 


The wave nature of an electron puts some restriction on how pr ecisely its 
positi on can be ddtefmined i~?rnafvsIs"orTHis questtbtrTS3”tKe* great German ^h^icistf' 
Werner Tie.•.cnhc'c, lo sKUe .n 192’ hi*- fam(>iis ' xctRiAiMV I'RiNt tl’LE. According 
to this luTnciiilc. ii is noi po^Mbie k, iuiauUujiepmiy thc ppsUioMpd the 

momentum o: a b<)d> lo an aibiiiaiy accuracy. The main fault in the Bohr modeT”^ 
should now ^tearr-In-Ttmgmng precisely defined orbits, it violates the uncertainly 
principle.'Ti proper understanding of the atomic structure is not possible without 
t aking the wave nature of the electron and of the uncertainty principle. 


Probability Picture of Electrons; Whenever we find that an exact and precise 
statement is not possible, we adopt less eXaCl ways for describing the situation. For 
example, it is not possible to predict the. outcome of say,.a lest match in advance. 
One cannot say for sure which team will win or whether the match would end iq,A 
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draw. However, from the current and the past form of the placers, it is possible to 
anticipate which team is more likely to win. Similarly, although we can say without 
hesitation that the suh Will rise in the east tomorrc(w'',m9jcpihg—the. weather, report 
even gives^^he exact time of sunrise—we axe unable to predict correctly, whether it 
will rain tomorrow or not. The weather report, therefore, only states whether there 
is a chance of rain or not. Consider yet another example. When a coin is tossed, it 
may land ‘head’ or ‘tail’. An exact prediction is impossible because both are equally 
probable. If we toss a coin hundred times, we expect that there will be about fifty 
‘heads’ and fifty 'la'is'. In other woids, the probability of getting ‘heads’.and'‘tails’ is 
equal. 'Alternately, one carr say that the probability of each event is fifty per cent, It 
should be noted that this statement does not mean that in hundred tosses, we must 
get fifty ‘heads’. It only means that fifty ‘heads’ are eveij more likely. Seventy fiye 
‘heads’ are unlikely, hundr’ed *head'S* are even more unlikely, but neither of the latter 
possibilities is impossible. Probabilistic estimates provide the best possible description 
of a situ'ation wKich'''cannot be exactlyHescribed. 

’ Let us now return to the problem of the electron in the hydrogen atom. In 
Bohr’s model, the electron was suppos ed to describe a variety of orbits. In each 
orbit, the electron had a fixed and characteristic value of energy./A precise descri¬ 
ption of the electron position, as implied in the orbit idea, being impossible, bhe 
adopts the probabilistic description in which the relative probabilities of finding an 
electron .11 d.llc.'cii points i.n the space around the nucleus are given Such probabi¬ 
lity disjiibuiions .11 space me calle d ORBliAl.s. In an oibiial, ihcie aie regions ol 
highei'probiib.liU wlicic the electron .ia-moie,,likBl>r^tSiliE^u^^ are 

regions.pf lower probabilits where the chances of finding the electron arc less For 
different kinds of orbiials one can sa\ whether, on an aserage, the electron will be 
closer or faftTOrfrom-The- ■rihcl^iis, wm'then!”v^nnjE)reincmf 
direciroh and so on. In each orbital the electron has' a definite.energy*.,Th.e,energy is 
lower if the p:rbitalJs'JcoiiccairaiS'h.e^^ Xhi^i8.hqc§Jii^tJie,.£lgcy2ai^ 

more strongly attracted wheh,it i^s close to the nucleus. Th e change in energy f rom 
one orbital to another is not continuous but discohtihubiis' (T.e., energy is quantised). 

Orbitals and Quantum Numbers: A large number of electron orbitals are.pqs.sibie in 
a.^hydrogen atom. Orbitals can be distinguisTied in a qualitative manner by their size, 
shape and orientation. An orbital of smaller size means there is more chance of 
finding the electron near the nucleus. Similarly, shape an d or ientation .mean that 
electron distribution has more probability along certain directions "and leswlong 

certain others. ' .. ........ ^ 

Orbitals are precisely distinguished^by what are known as quantum pumbers,. It 
can be shown that each orbital is designated by three quantum numbers .labe lled a s 
n, i and m. The first one. n, is called the principle quantum number and it gives an 
ideToFth^ize. Large n means a large sve fbe quantum number, f. gi<‘es the shape, 
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and m, the prientation, of thst„.QrbitaL -The quantum numbers n, I and m cannot have 
"SiiEffmry values. They can only have specific values as shown below: 
n integers) \ 

(= 0,1,2^,,.(nr-1) (zero and positive integers up to n- 1) / 

tn ='- 1 ', -JJ- (2 + j ylaues) / ' 

We can woilc out the permitted combinations from these rules. For example, for 
n = 1, there is only one choice with ^ = 0. For q = 2, there are two-ohoiqos ^ = 0 
and. 1. For n.= 3, one can have ^.='D;*r^Z,and so on. It can be shown that for a 
giv^fvalue there are 2^+1 choices. These are associated with the quantum 
number"m. For a given value of.?, m can vary between +^to —'-^through zero, thus 
giving rise to the 2^+1 choices mentioned earlier. Thus we find that if ^ = 0, m = 0 
. and if t= 1, m= +1, 0, -T Orbitals with lvalues of 0, 1, 2, and 3 are referred to as 
I s, p,.(f and/orbitals respectively, 

I We designate different orbitals as follows: 

^ n = 0 ; b orbitals (where the prefix 1 is the n vlaue) 

n = 2,t= 0 : 2s orbitals (where the prefix 2 is the n vlaue) 

n = 2/= 1 . 2p orbitals (where the prefix 2 is the n value) 


The various energy levels as defined by 
these quantum numbers are shown in 
Fig. 4.11, In the case of the 2p orbital, 
there can be three possible m values 
(+1/ 0, —1) indicated by numerical 
subscripts (p-Ki, po, p-i) or alphabetical 
isubscrips (p„ py, pj. Thus there are 
^h ree ^ .wocbitai i. ■ each alon e the 
fbartesian axes. 

In the same manner, it can be 
shown that there are nine orbitals for 
the n = 3 case; one of the s type, three 
of the p type and five of the d type. 
The spatial distribution of b and 2p 
orbitals are shown in Fig, 4 12 


I ... ..». . * 



Fl|. 4,H The petmissibk eombiriatlpn <tf n, I, and 
m 
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2 p orbitals 


Fig. 4.12 The Is and 2p orbital diagrams 

We see that s orbital is spherical while the p orb itals are dumb-bell shaped. That is. 
in"~anT~orEitar"tKr‘e!ectron~"3^!nFunon"TrTv m'meiSc(^ all 

directio’riFBui'nr^ofKials,' HiffriBufliSinTalong the axes. The various orbitals have 
difFerSif energies ancT their Tfrah|Sm&hTacc6faihg'tt)^ iiirt^^ energy is shown in 
Fig. 4.13. The energy* level scheme given in this figure is applicable to atoms 
containing more than one electron, i.e. to all atoms except the hydrogen atom*. 

Apart from the spatial distribution given by the orbital, an electron has an 
additional characteiisticxalled.thc..spin. In the Bohr model, spin was introduced by 
analogy to tfiie planetary case. The earth moves in an'orbif around the sun, but at 
the same time, it spins around an axis. (The orbit motion controls the duration of 
the year while the spinilihg motion regulates the duration of the day.) In the same 
manner, an electron was thought to be spinning while moving in an orbit. The spin 


* In the hydrogen atom, all the orbitals having the same principal quantum number, have the same 
energy. Thus, 2s and 2p have equal energy; 3s, 3p and 3d have equal energy, 4s, 4p, 4d and 4f have 
equal energy and so on 
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is also quantised and designated by an additional quantum number, called the spin 
qiigSfum number, s, which can have only two values, +1/2 and -1/2 which can be 
approximately thought of as clockwise and anticlockwise rotation about an axis. 



ftj. 4,13 Helative ineriles-of the various OrhUals in an atom. The energy Is fnereaslng along the 
vertiaal axis. The diagram gives the order of filling of.orbitals ln,neuiral atoms; elecirons enter the first 
i)vdilaltle,()!r.btttal of lowest energy,- . ' _ 


Although later developments showed the orbit picture of the electron spin to be 
wrong, the idea of the spin quantum number itself is correct. However, we no longer 
think of the electron spin as due to axial rotation but treat it as an intrinsic 
characteristic of the electron connected with its magnetic behaviour. (The two values 
that tl^e spin quantum number can have are symbolically indicated as'T aSDrcalled 
up-spin_and down-xpin respectively)' 

The three quantum numbers labelling an orbital can be used equally well to label 
the electron in the orbital. In addition, the electron has also a spin quantum^ 
nupxhsr- Thus, weTmSTKat each electron'in an'alom'Ts Identified and designated by 
four quantum numbers. The fout quantum numbers serve as the signature of an 
electron. Just as the signature of a person is unique and is therefore used to identify 
an individual, a set of four quantum numbers is also unique and helps to characterise 
an electron (Fig. 4.14). The three quantum numbers n,{', m tell us about Its spatial 
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distribution while the spin quantum number indicates the spin orientation. 

flre’ orbitals possessing the same principal quantum number, n, are said to 
belong to a shell. Shells are commonly designated by capital letters starting with K. 
Thus thr^elTcorresifonding lo n = 1 is called K shell while those corresponding to 
n = iliid n = 3 are called L and M shells respectively. Orbitals with the same value 
of n but diferent values of ^are referred to as subshells, For example, the L shell has 
two subshelFs consisting of the s subshcU for T= 0 (contaming the Iv orbital) aiiTthe 
p subshelJ|Qr^=51 (oohsisting of the three %p orbitals). 

“We^need one more rule before we can proceed to discuss the electronic structure 
of atoms. The rule was first given by the Austrian scientist, Wolfgang Pauli. It is 
known as the PauTTexcIusidn principle. It states that no two electrons in hn^atom 
dan havjn Tvg'fi^e ^et of four quantum numbers, if one electron in an atom bas 
^ome particular value for the four quantum numbers, then all the other electrons in 
that atom'‘'gre~‘excIuded fro m Having the , same, set ,of values, hence the name 
excli Kion princ iple. It follows: that any two electrons of an atom must differ in at 
least one quantum number. 

Since the electrons in an orbital must have the same I, m, quantum numbers, 
it_ also follows that an orbital can at Jhe n;iq§| ggrttain twVeiedtrons provided their 
^n quantum numbers are*<f2?erent (jue^ one has an up-spin clockwise and the other 
^own^pin amlclocKwise). The combination of up and down spins is commonly 
called as pairing of spins. The Pauli principle is often stated in an alternate form as 
‘An orbital can contain, only ..two electrons’ ; it being understood that the two 
electrons are spin-paired (two different spin quantum numbers). As a consequence of 
this principle, two is the maximum number of electrons permitted in an s orbital, six 
in three p orbitals and ten in the five d orbitals. This can bs„^«ttnjclcaiiy fromJFig. 
4.14. ' " 

4.2.5 Electron Configuration of Atoms (Aufbau Principle) 

Deducing the electronic configuration of any atom is now an easy matter. We start 
filling the orbitals beginning with the lowest energy orbital and keeping in mind the 
Pauli exclusion principle. An orbital filling diagram which will help in writing the 
electronic configuration of any element is given in Fig. 4.15. The sequence of filling 
the orbitals can also be obtained from the following two rules: 

1. Orbitals fill in the order of increasing n -f-/. This means that between "hd and 4j, 
the 4 j (n-l- ^’= 2 -|- 2 = 4) will fill before 3t/ (n + ^ = 3 + 2 = 5). 

2. If two orbitals have the same n + the one with the lower n will be fiUed first. 
Thus, between Ip (n+ ^ = 2+ I = 3) and 3s (n+ ^ = 3+ 0 = 3), Ip will fill 
before 38. 

Let us now apply these considerations to derive the electronic configuration of 
different atoms. 
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The hydrogen atom has only one 
electron which goes in the orbital with 
lowest energy, namely li. The electro¬ 
nic configuration of the hydrogen atom 
is Is' meaning it has one electron in 
the Is oibital. The second electron in 
helium (He) can also occupy the Is 
orbital Its configuration is therefore 
Is'' The third electron of lithium (Li) 
is not allowed in the Is orbital because 
of the Pauli principle It therefore takes 
the "next available choice, namely the 
2s orbital, The electronic configuration 
of lithium is Is^ 2s' The 2s orbital can 
accommodate one more electron The 
' configuration of the beryllium (Be) 
atom is, therefore, Is^ 2s^ (see Table 
4.1 for the electronic configuration of 
elements). 


In the next six elements—boron 
(B, Is^ 2s^ 2p'], carbon (C, Is^ 2s^ 2p^), 
nitrogen (N, Is^ 2s^ 2p^), oxygen (0, 
Is^ 2s^ 2p*), fluorine (F, Is^ 2s^ 2p’) 
and neon (Ne, Is^ 2s^ 2p ^)—the 2p 
orbitals get progressively filled This 
process is completed with the neon 
atom. The electronic configurations of 
the elements from sodium (Na, Is^ 2s^ 
2p‘ 3s') to argon (Ar, Is^ 2s^ 2p‘ 3s^ 
3p*) follow exactly the same pattern as 
the elements from lithium to neon with 
the difference that the 3s and 3p 
orbitals are getting filled now, In 
potassium (K) and calcium (Ca), the 
4s orbital, being lower in energy than 
the 3(f orbitals, is occupied by one and 
one electrons respectively. 



Fl|. 4.1^ A metntdy alti /or thf ofMiaii 

' Sceordir^giOthe(t(4fbi^prlnc.lplO ' ', , 
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A new feature shows up beginning with scandium (Sc). The 3cf orbital, being 
lower in energy than 4p, is filled first. Consequently, in the next ten elements,— 
scandium (Sc), titanium (Ti), vanadium (V), chromium (Cr), manganese (Mn), iron 
(Fe), cobalt (Co), nickel (Ni). copper (Cu), and zinc <Zn)—the five 3d orbitals are 
progressively occupied. We may be puzzled by the fact that chromium and copper 
have five and ten electrons in 3d orbitals rather than four and nine as their positions 
would have indicated (with one electron in the 4s orbital), The reason is that fully 
filled orbitals and half-filled orbitals have extra stability (i e,, lower energy). Thus the 
d'”,/ and/^ configurations, which are either filled or half-filled, are more 
stable. Chromium and copper, therefore, adopt the cf and t/’" configurations in 
preference to the and cf configurations. 

With the saturation of the 3d orbitals, the 4p orbitals start getting filled from 
gallium (Ga) to krypton (Kr). In the next eighteen elements from rubidium (Rb) to 
xenon (Xe), the pattern of filling the 5s, 4cf and 5p orbitals is similar to that of 4s, 
3d and 4p discussed above, Then comes the turn of the 6s orbital. In caesium (Cs) 
and barium (Ba), this orbital contains one and two electrons respectively. Then from 
lanthanum (La) to mercury (Hg) the filling up of electrons takes place in 4/ and 5d 
orbitals. After this, filling up of 6p, then Is and finally 5/ and 6d orbitals takes 
place. The elements after uranium (U) are all short-lived and all of them are 
produced artificially. 

Statements like “an orbital is getting filled” or “electrons occupy certain orbitals” 
should not be taken to mean that orbitals are some kind of containers. What these 
statements mean is the following. The shape and size of electron distribution is 
described by orbitals which are labelled by the quantum numbers. Because each 
distribution has definite energy, the orbitals can be arranged in terms of increasing 
energy. Every electron in an atom would like to have the distribution (i.e., orbital) 

TABLE 4.1 


Electronic ConltgurnlioiM of Elements 


Atomic 

Number 

Element 

Electron conliguration Atomic 

Number 

Element 

Electron conEguration 

1 

H 

Is' 

53 

I 

-4d'°58*Sp’ 

2 

He 

Is* 


Xe 

-4d"’5s*5p‘ 

3 

Li 

He2B‘ 

53 

Cs 

Xe6s' 

4 

Be 

-2s* 

56 

Ba 

~6s* 

5 

B 

-28*2p' 

57 

La 

-5d'6s* 

6 

C 

-28*2p* 

58 

Ce 

-4f*6s* 

7 

N 

-2s*2p* 

59 

Pr 


8 

0 

-2s*2p* 

60 

Nd 
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TABLE 4.1 (Contd) 


Atomic 

Number 

Element 

Electron Conflguraiioti 

Atomic 

Number 

Element 

1 

Electron Configuration 

9 

F 

-2s’2p^ 

61 

Pm 

-4f’6s’ 

10 

Ne 

—2s'2p‘ 

62 

Sm 

—41*65’ 

II 

Na 

Ne 3s' 

63 

Eu 

—4f’6s’ 

12 

Mg 

—3s^ 

64 

Gd 

—4f’5d'6s’ 

13 

A1 

—3s’3p' 

65 

Tb 

—4f’6s’ 

14 

Si 

—3s’3p“ 

66 

Dy 

—4f"'6s’ 

15 

P 

—3s'3p’ 

67 

Ho 

-4f"6s’ 

16 

S 

—3s’3p^ 

68 

Er 

—4f'’6s’ 

17 

Cl 

—3s^3p’ 

69 

Tm 

^f'’6s’ 

18 

Ar 

—3s"3p‘ 

70 

Yb 

-4f'*6s’ 

' 19 

K 

Ar4a' 

71 

Lu 

-4f"5d'6s’ 

20 

Ca 

-4s’ 

72 

Hf 

-4f"5a’6s’ 

21 

Sc 

—3d'4s’ 

73 

Ta 

-4f"5d’6s’ 

22 

Ti 

—3d’4s’ 

74 

W 

-4f"5d*6s’ 

23 

V 

—3d'4s’ 

75 

Re 

—4f"5d’6s’ 

24 

Cr 

—3d'4s‘ 

76 

Os 

-4f''5dV 

25 

Mn 

—3d’4s’ 

77 

Ir 

~4f"5d’6s’ 

26 

Fe 

—3d‘4ii’ 

78 

Pt 

-4f'’5d'*6s' 

27 

Co 

-3d’4s’ 

79 

Au 

-4f'’5d'“6s' 

28 

Ni 

—3d'4s’ 

80 

Hg 

—41^*58'"bs’ 

29 

Cu 

-3d"'4s' 

81 

Tl 

-4f'‘5d'V6p' 

30 

Zn 

-3d'“4s’ 

82 

Pb 

-4f'‘5d'V6p’ 

31 

Ga 

-3d"'4s’4p‘ 

83 

Bi 

-4f"5d"'6sV 

32 

Ge 

—3d'V4p'' 

84 

Po 

-4f"5d"’6s’6p* 

33 

As 

—3d''’4s’4p’ 

85 

At 

—4f"5d"'6s’6p’ ' 

34 

Se 

—3d"’4s’4p^ 

86 

Rn 

—4f'‘5d"’6sV 

35 

Br 

—3d"’4s’4p’ 

87 

Fr 

Rn7s' 

36 

Kr 

—3d"’45’4p‘ 

88 

Ra 

-7s’ 

37 

Rb 

Kr5s' 

89 

Ac 

-6d'7s’ 

38 

Sr 

—5s’ 

90 

Th 

—6d’7s’ 

39 

Y 

-4d'5s’ 

91 

Pa 

—5f’6d'7s’ 

40 

Zr 

—4d’5s’ 

92 

U 

—5f’6d'7s’ 

41 ■ 

Nb 

—4d’5s' 

93 

Np 

—5f‘6d'7s’ 

42 

M 

-4d’5s' 

94 

Pu 

—51*7s’ 

43 

Tc 

—4d’5s’ 

95 

Am 

—5f’7s’ 

44 

Ru 

—4d’5s' 

96 

Cm 

~5f’6d'7s’ 

45 

Rh 

-4d'5s' 

97 

Blc 

-5f7s’ 

46 

Pd 

-4d'" 

98 

Cf 

-5f"’7s’ 

47 

Ag 

-4d'“5s' 

99 

Es 

—5f"7s’ 

48 

Cd 

-4d"’5s’ 

100 

Fm 

—5f'’7s’ 

49 

In 

-4d"’5s’5p' 

101 

Md 

—5f'’7s’ 

50 

Sn 

-5d"’55’5p’ 

102 

No 

—5f'‘7s’ 

'51 

Sb 

-4d'“5s’5p’ 

103 

Lr 

-5f'’6d'7s’ 

52 

Te 

—4d"’5s’5p^ 
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corresponding to the lowest energy. But the Pauli principle prevents this by allowing 
only two electrons per orbital We, therefore, try to find at each stage which orbital 
with the lowest energy is available. This principle has been followed in arriving at 
the electronic configuration of the various atoms. The principle is known as the 
Aufbau principle (aufhau in German means ‘building up’). 

What is the utility of knowing the electron configuration? You will see that the 
modern approach to chemistry depends almost entirely on electron distributions to 
understand and explain chemical behaviour For example, questions like why some 
elements are metals while others are non-metals; why elements like helium, neon, 
argon are not reactive but elements like the halogens are reactive, find a simple 
explanation from the electronic configuration point of view. These questions have 
no answers in the Daltonian model of an atom. A knowledge of the electronic 
structure and the peculiarities of electron behaviour, like the orbital description and 
the Pauli principle, are essential, if We are to understand such important chemical 
facts. 


EXERCISES 


4.1 (i) Calculate the number of electrons which will together weigh one gram. 

(ii) Calculate the mass of one mole of electrons. 

(iii) Calculate the charge of one mole of electrons. 

4.2 How many protons and neutrons are there in the following nuclei: 

‘aC, ‘Jo, fj'Mg. ilFe.lfSr 

4.3 Write the complete symbol for 

(i) the nucleus with atomic number 56 and mass number 138 
(li) the nucleus with atomic number 26 and mass number 55 
(iii) the nucleus with atomic number 4 and mass number 9. 

4.4 One of the spectral lines of caesium has a wavelength of 456 nm.Calculate the frequency 
of this line. 

4.5 The frequency of the strong yellow line in the spectrum of sodium is 5. 09 X lO'^s"'. 
Calculate the wavelength of this light in nanometers. 

4.6 What is the wavelength of light emitted when the electron in a hydrogen atom undergoes 
transition from an energy level with n = 4 to an energy level with n = 27 What is the 
colour corresponding to this wavelength? 

4.7 (a) An atomic orbital has n = 3 What are the possible values of Cl 
(b) An atomic orbital has 3. What are the possible values of m? 
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4.8 Using the s, p, d notations, describe the orbital with the following quantum numbers' 

(a) n= 

(b) n = 2,^ = 0 

(c) n = 3, ^ = 1 

(d) n = 4,(f = 2 

(e) n = 4,/=3 

4.9 Using the Aufbau principle, write the electron configuration for the ground state of the 
following atoms: 

Boron (Z=5), Neon (Z=10), A1 (Z=13), Chlorine (Z=17), Calcium (Z=20), Rubidium 
(Z=37). 

4 10 (a) What is the shape of: (i) an s orbital (ii) a p orbital? 

(b) Which of the following orbitals are spherically symmetric? 

(i)px (ii)j(iii)py 

4.11 From the following sets of quantum numbers, state which are possible. Explain why the 
others are not permitted- 


(i) 

n = 

0, 

^ = 0, 

3 

II 

p 

s = +i 

(ii) 

n — 

1, 

o' 

If 

m = 0, 


(iil) 

n = 

1, 

i=\. 

m = - 0, 


(iv) 

n = 

I, 

^ = 0, 

m = -f 1, 


(V) 

n = 

2. 

( = 1, 

m =-1, 

s=-i 
* 2 

(Vi) 

n = 

2, 

/ = 2, 

m = 0, 

s=4 

(vii) 

n = 

2, 

1. 

m = 0, 
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There are more than one hundred chemical elements known today It would be 
difficult to study individually the chemistry of all the elements and their numerous 
compounds, The study can be simplified if we find a way to classify the elements 
into various SETS OR GROUPS haying similar properties The PERIODIC TABLE 
represents a reasonably systematic and extremely useful framework for organising 
the vast amount of information available on the chemical behaviour of the elements 
into a few simple and logical patterns In this Unit, we shall study the development 
of Mendeleev’s periodic table and see how this empirical classification follows as a 
logical consequence of the electronic configuration of atoms. We shall also examine 
some of the periodic trends in the physical and chemical properties of the elements 
The question of a rational classification of elements engaged the minds of several 
chemists even in the nineteenth century, notably Doebereiner, Newlands, Meyer and 
Mendeleev. John A.R. Newlands in 1865-1866 developed his LAW OF OCTAVES. He 
found that when the elements were arranged in order of their increasing atomic 
weights, any given element was similar to the eighth element that followed it. At 
that time, this idea was not widely accepted. 

5 1 MENDELEEV’S PERIODIC TABLE 

In 1869, J.Lother Meyer, a German, and Dmitri I Mendeleev, a Russian, inde¬ 
pendently constructed tables of elements in which those with similar properties were 
placed together. In these tables, the elements were arranged in the order of their 
increasing atomic weights. An examination of these tables showed that similarities in 
the physical and chemical properties appear at regular intervals. Lothar Meyer used 
the physical properties such as atomic volume, melting point and boiling point to 
arrive at his table of elements. Mendeleev’s system was more elaborate. He used a 
broader range of physical and chemical properties to classify the elements. In 
particular, Mendeleev relied on the similarities in the formulae of the compounds 
formed by the elements Mendeleev stated the PFR’ODic I .Asv thus: “The properties 

E ^the elemeius. as weil a.s the lurmulae and properties of then compounds depend 
r a pel Iodic mannoi on ihe., atomic weichi \of the elements ’’ A table of elemeni.s in 
hich ilio'sc with '.imiliii propeiilcs arc placed together is called a PERIODIC r \l)l F 
In devising his periodic table, Mendeleev realised that some of the elements did 
not fit in with his scheme of classification if the order of atomic weights was strictly 
followed. He ignored the order of atomic weights to group together elements which 
■had similar chemical properties. He also had the courage and foresight to leave gaps 
in the table.for elements which were not known at that time. He could predict the 
properties of those missing elements from a study of the properties of other elements 
in the same group. For example, both gallium and germanium were not discovered 
at the time when Mendeleev proposed his periodic table. Mendeleev named these 
elements as EKAALUMINIUM and EKASILICON beqause he believed that they would be 
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similar to aluminium and silicon respectively. These elements were discovered later 
and Mendeleev’s predictions proved remarkably correct. The properties of ekasilicon 
predicted by Mendeleev and found by Winkler for germanium are shown in Table 


Mendeleev's Predictions for the Element EI(»silicon (Germanium) 


Property 

Tin and its 
compounds 

Silicon and its 
compounds 

Mendeleev's prcdic~ Winkler's report of 
tions for ekasilicon germanium (1886) 
(1871) 

Atomic mass 

118,7 

28.1 

72 

72,6 

Density (g cm"’) 

7 31 

2,42 

5.5 

5.36 

Melting point (K) 

505 ' 

1683 

high 

1231 

Preparation of the 

Reduction of SnO: 

Reduction of 

Reduction of MOj 

Reduction of 

element 

with carbon 

KiSiFs with 
sodium 

or KjMjFs with Nn 

Kj GeFt with Na, 

Action of acid 

Slow attack by Cone 

Acid resistant. 

Will be slightly 

Not attacked 

and alkali 

HCl; attacked by 

slow attack by 

attacked by acid; 

by HCl or dilute 


HNO], not attacked by alkali, 
sodium hydroxide. 

will not be attacked 
by akali 

NaOH, reacts with 
hot Cone. HNOj 

Oxide, formula 
and density (g.cm'’) 

SnOi,7.0 

Si02.2,65 

MOj,4.7 

OeOj,4,7 

Sulphide,formula 

SnSi, insoluble 

SiSi, decomposes 

MS], insoluble in 

GeS] insoluble 

and properties. 

in water, soluble 
in ammonium 
sulphide. 

in water. 

water; soluble in 

ammonium 

sulphide 

in water and dilute 
acid; soluble in 
ammonium sulphide 

Chloride formula 

SnCU 

SiCU 

MCU 

GeCU 

Boiling point ("K) 

387 

330.6 

373 

356 

Density (g cm’’) 

2 23 

1.50 

1.9 

1.88 


Because of his systematic work and far-reaching ideas, Mendeleev is usually 
given th5..j:x6di!L fox the. ,desiga. 

modern periodic table is essentially similar to that of Mendeleev with a separate 
column lidded loi noble gases wliltli wcie not d.scoicrcd until the .£lasing«J®ata»af 
the nuieicciii;i centurs Thus the iniintion ol Mendeleev and the painstaking 
experimental '«aiL5!L&6YSiaL£hem]sts Mtn .CUlmijmti;,dJxUitC^^ of 

rational (though empirical) classification of the elements. Several decades had 
to pass before the electron 'was discovered and the modern theory of 
atomic structure developed (Unit 4) . Later in this Unit, we shall see how 
the electronic configuration of atoms provides a fundamental basis for the periodic 
classification of the elements. 
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from his' professarthip. He was then appointed Director of the Bureau of 
' Weights and Measures, where he continued to carry out important 
researches until his death in 1907. 


5.2 MODERN PERIODIC LAW 

As we have already stated, Mendeleev’s periodic classification of elements is based 
on their atomic masses. We now recognise that atomic number is a more funda- 
.mental property than atomic mass. A modern version of the periodic law may be 
stated as follows; “The physic al a nd chemical properties of the elements are the 
periodic functions of'theiFatomic numbers’ ” You rnayYecair Chat the attmtiCTiumber 
is equaTtd the^nucfear charge or the number of electrons in an atom. The periodic 
table thus classifies elements based on their electronic configurations which indeed 
determine the physical and chemical properties of the elements and their compounds. 

There are many forms of th.e*periodic table. The long form shown in Fig. 5.1 is 
I the most convenient and the most widely used. The horizontal rows are called 
PERIODS. Elements^having similar chemical and physicaf properties appear in vertical 
^oTuSmTanh are referred' fo' Is" GUStlPS or FAMILIES. There are altogether seven 
peri pdrTHgT trsrpetfdd ’e'ohtatHS 2"elernentr. The'sub'sequeht periods consist of 8, 8 
18, 1 8 and 3 2' elements, The seventh period Is incomplete and like the sixth period 
would have a th^retTcarmaxiintlW*0f”32xleme'ntS'/''-''- 

There is a close connection between the eiedfronic configuration of the elements 
and the long form of the periodic table, We have already learnt that an electron in 
an atom is characterised by a set of four quantum numbers and the principal 
quantum number (n) defines the main energy level known as the SHELL. Each 
successive period in the periodic table is associated with the filling up of the next 
higher principal energy level (n=l, n=2, etc.). It can b'e readily seen that the number 
of elements in each period is twice the number of atomic orbitalS available in the 
energy level that is being filled, The first period has thus the two elements— 
hydrogen (b‘) and helium (1 j^) and the first shell (K) is completed. The second 
period starts with lithium in which one electron enters the 2j orbital. The L shell is 
complete at neon (2s^ 2p^) and there are 8 elements in the second period. The 
third period (n=3) begins at sodium, the least tightly bound electron entering a 3s 
orbital. Successive filling of 3s and 3p orbitals gives rise, to the third period of 8 
elements from sodium to argon. 

The fourth period (n=4) starts at potassium with the filling up of 4s orbital. Now 
you may note that before the 4p orbital is filled, filling up of yd orbitals becomes 
energetically favourable and we come across the so called 3d TRANSITION SERI ES of 
elements. The fourth period ends at krypton with the filling up of the 4p orbitals. 
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Altogether we have 18 elements in the fouith period, Ihe lifth period (n=5) 
beginning with rubidium is similar to the fourth period and contains the second d 
transition series starting at yttnum(Z=39). This period ends at xenon with the tilling 
up of the Sp orbitals. The sixth period (n=6) contains 32 elements and successive 
electrons enter 6i, 4/, M and 6p orbitals, in that order. Filling up of the 4/ orbitals 
begins with cerium (Z=58) and ends at-lutetium (Z" 71) to give the tirst / transition 
series which is called th.^l,ANIliAKlDE SJE:.R.lES...The seventh period (n~7) woufd have 
been similar to the sixth period with the Idling up of the 7.4, 5/, and Ip orbitals. 
This series is however incomplete. It includes most of the man-made radioactive 
elements. Filling up of the 5/ orbitals after actinium (Z=89) gives the segpod / 
transition series known as the actinide SERIES The y and 5^- transition series of 
I elements are placed separate^TiT ffiS"'pd'ftt)dtc taBle to save space and to keep 
; elements with similar properties in a single column, 

5.3 TYPES OF ELEMENTS 

The atoms of the elements in a single vertical column have the same or veiy similar 
electronic configurations in the highest occupied orbitals and arc therefore said to 
belong to the same GROUP or FAMILY of elements. According to the new recom¬ 
mendation of the International Union of Pure and Applied Chemistry, the groups 
are numbered from 1 to 18 Based on the electronic configuration, wc can classify 
elements into four types as marked in the periodic table (Fig. 5.1). 


5 3 1 Noble Gases 


ach period in group 18. With the exception 
clccFo”. c c.tr.f’i'i’i.itio'i I; i.'.lcrmost 
IpneiJ, Ji'.’iiiiin Las !• c ir! gii m' o - \ii rl c cucig’ i' .c!' r||,ii |i.‘ cd by the 

felectrons are“compIe!eTfT[r!eJ and this stable arrangement of electrons cannot be 
I easily alte red by the addition, or removal of electrons. These elements exhibit very 

‘ low cheniicaiieaotivity-™* - - • ,, 

1 

5 3.2 Representative Elements (s and p-block) Elements 

The elements of group 1 (alkali metals), group 2 (alkaline earth metals) and groups 
13 to 17constitutethe representative elements. The outermost electronic configuration 
changes from nj^ to np^ All occupied energy levels underlying the outermost 
shell have their full complement of electrons. It is also customary to .speak of groups 
1 and 2 with nj' and configurations as j-Bi.ock elements and groups 13-17 as 
p-BLOCK elements, Noble gases are also grouped with representative p-block 
elements as they come at the end of each hori7ontal series (period) of the represent¬ 
ative elements. The chemistry of the representative elements is determined by the 
number of electrons inXhe outermost shell called the VALENCE SHFl.l.. The , n umber 


The noble gases are found at the end of i 
of heluiin^ the?? element' base np* 
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of VALENCE ELECTRONS for groups 1 and 2 IS the same as the group number; .for 
groups 13-17j^ th^s number is obtained by subtracting 10 from the group number. 
Across eacfi peiiod the elements progressively change from metallic to non-metallic 
behaviour. ' - , 


5 3 3 Transition Elements (rf-block Elements) 

These are the elements of groups 3 to 12 in the centre of the periodic table. These 
elements are characterised by the filling of an inner d level by electrons and are 
therefore referred,tQ,as..nf'BiaOGltiiLEMEIilTS, These-dements have the outer electronic 
itinn ni They are all. metals. They form coloured ions and 

I .11 ."'1. iiiciicv 

\ 

5 3.4 The Inner Transition Elements (f-block Elements) 

The two rows of elements at the bottom of the periodic table, called the lanthanide 
and ACTINIDE series, are characterised by the outer electronic configuration 
(n-2)/'''Yn-l)r/"'' ns^. The last electron added to each element is an /electron. These 
two series ol elements are hence called /-block elements They are all metals. Within 
each scries, the properties of the elements are quite similar 


5.4 PERIODIC TRENDS IN PROPERTIES 

From the above description of the basis of the periodic classification, it follows that 
there is a regular periodic repetition of the electronic configui*atioii of the efements as 
the charge on the nucleus increases. Regular variations in tCe chemical properties of 
the elements were observed much before periodic trends in physical properties were 
noticed We shall discuss some of these trends in this section " 


5 4 1 Ionisation Energy 


The chemical nature of an element depends on the ability of its atoms to accept or 
(lorLiio cl.'CtK'ns \ iiii.iMit.ii!'..' mens tc of these le-idcic'c^ the lOMSMiov 
1 M KiA 01 rnc ILK lRO\ AlllMIt I lie .p'l.sa'.ioii L-iiJigs ijl; is dcliaed as the 
energy required to remove an electron from an isolated gaseous atom (M) m its 
ground *Sthte 


M (g) + IE -* (g) + 

Cthe 10 . 1.>>1111011 ci eic) .s cxpie-scd '.'i nn.ts of kl inol^ If a second electron is to 
be remo'.cil :'ion i!ic ‘•ame eicniern ilie eiicigy lequiied will be higher than that 
required for the removal of the first electron because it is more difficult to remove 
an electron from,^positivelv ch.nrgcd .species than from a neutral atom. Similarly 
the third ionisation eiieins wil', be hirhei ilian the second h'kI so on If ihe lenii 
'ionisation energy’ is not qualified, it is taken as the first ionisation energy ^ 
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Fig. 5 2 shows the first ionisation -energies of elements up to atomic number 
60. It can be readily seen that the ionisation energy of an element strongly depends 
on its electronic configuration and thus shows periodic variations. The maxima are 
found at the noble gases Which have closed electron shells The high ionisation 
energies of the noble gases can be correlated with their extremely low chemical 
reactivity Similarly, the high reactivity of alkali metals is reflected in their low 
ionisation'Cnergies. 



'Ft|. iA Variation ofjirst hniiaiton erutgits yvlth uiamic number for ehmente with 

The variations in ionisation energy across a period is illustrated iri Fig. 5.3 (a) 
for the elements of the second period Although there arc irregularities, the ionisation 
energy increases, from lithium to neon. This trend can be explained by considering 
the screening of the nuclear charge by the inner shell of electrons present between a 
given electron and the nucleus. The nuclear charge increases from +3 to +10 as we 
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go from lithium to neon. Since successive electrons are placed in the same shell, the 
increase in the screening of the nuclear charge by the inner Is electrons is only slight 
and the increased nuclear charge causes the ionisation energy to increase across the 
period. 


2500 


. 2000 


E 

2 1600 
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1000 


500 



Fig, S*3 (a) First Ionisation enargiis of elements of the second period as d function of the atomic 
number (b) First ionlsaiian energies cf alkali metab as a function of the atomic number 

The trend of ionisation energy within a group is shown in Fig. 5 3 (b) which 
gives the values for alkali metals. Generally the ionisation energy decreases as we 
descend the column of a group. As we go down the group, the outer electron being 
removed is farther from the nucleus and there is an increasing screening of the 
nuclear charge by the electrons in the inner shells, Consequently the removal of the 
outer electron becomes easier down a group. 


5.4.2 Electron AfTinity 


When an electron is added, to .neutral gaseous,atom (A), tft qp,(iyert.jynto a negative 
ion, the energy ,alMUlge»nGaoaipa«yiiig«ah6™p.E©e®ss^4«-,de£ined as- the ELECTRON 
AFFINITY This can be represented by the equation; 




A(g)+ e’- A'(g)+ E. A, 


Electron affinities can be positive or negative. When energy is released in the process 
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of attachment of an electron to an atom, the electron affinity us taken as positive 
This IS the case for elements of Group 17 (halogens). These elements have high 
electron affinities because they .can attain stable noble gas electronic configuration 
by picking up an electron. Electron affinity values for the halogens are shown in 
Fig. 5 4. Generally electron affinity decreases as we go down a group because the 
.size of the atom incieases and the electron added goe.s to the highei .shells. It may be 
noted that the electron affinity of flourine does not fall in line with the general 
trend In this case, the effect of small size is more than offset by the repulsion of the 
electrons already present 



$.4 BtecfwM <0nltlet ‘Mogt/m 


Electron affinity in general increases with atomic number across a peiiod parallel¬ 
ing a decrease in atomic size (Section 5.4.3), It will be eu-, ei to anl an electron .o <■. 
.smaller atom since the added electron on an averag,’. v.ou!i! he ciosc- i.' ihe 
^positively charged nucleus 
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5 4 3 Atomic Radii 

It is difficult to determine the exact size of an atom or its ion An estimate of the 
atomic size can be made by knowing the distance between the atoms in the 
combined state. For non-metallic atoms the term ATOMIC RADIUS is usually used to 
^specify the radius of the atom bound by single covalent bond. For example, the 
bond distance in the hydrogen molecule (Hj) is 74 pm and half of this distance (37 
pra) is taken as the atomic radius of hydrogen. For metals, atomic radius is taken as 
half the internuclear distance separating the metal ions in the metallic crystal The 
data given in Fig, 5.5 show that the atomic radius generally increases from the 



top to the bottom of the periodic table and decreases on going from left to ngh 
across the periodic table. As the nuclear charge increases, the electrons are attractec 
to a greater extent and atomic size decreases; Although nuclear charge increases as wi 
go down a group, its effect is offset by the presence of a new shell of electrons am 
hence the atomic radius increases. 

5.4.4 Valence 

An important chemical prope rty o f the, elfimen-ts exhihiting-periodio-trends is,„thei 
VALENCE. Mendeleev used the formulae of the compounds formed by the elementi 
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Fig. S.5 (b) Variation of atomic radius with atomic number for alkali metals and halogens 

as a basis for defining the groups in the periodic table that he designed. Valence can 
be defined in a number of ways. The formulae of compounds formed by an element 
are clearly linked to its valence. The valence of representative elements is usually 
equal to the number of electrons in the outermost orbitals and/or equal to eight 
minus the number of outermost electrons. Some examples are shown in Table 5.2. 
There are some exceptions to this rule but we shall not worry about them now. 

TABLE 5.2 ' 

Periodic Trends in Valency of Elements as Reflected in the Fromulae of their Compounds 


Group 1*2 13 

Compounds 

formulae 


HCl 

BeCli 

BCh 

HiO 

CaCli 

AhO, 

LiCl 

CaO 

AlCl, 

LhO 

SrO 

InCl, 

NaCl 

BaO 

TlCb 


14 15 16 17 


CH, 

NH, 

H,0 

HF 

CO, 

N,05 

H,S 

HCl 

SiO, 

PCI, 

SFs 

C1,Ot 

SnO, 

PCls 

CS, 

NaBr 

PbO, 

SbCl, 

H,Se 

K1 
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5.4.5 


Properties of Halides, Hydroxides 
Metals 


, Sulphates of Alkali and Alkaline 


Earth 


Periodic variations are al^so observed in the properties of many compounds within a 
group of the periodic table. We shall illustrate these trends by few examples If we 
consider the melting points of halides of alkali metals, they decrease in the order 
fluor.de > chloride > bromide > iodide The melting points of lithium halides are 
less than those of sodium halides and thereafter they decrease (with one or two 
exceptions) as we go from sodium down to caesium Fig. 5.6 illustrates the trends 
m the melting pomts of the chlorides of the alkali metals and also those of the 
sodium halides M X (X = F, Cl, Br or I). 




Fig, 5.6 (a) MeUing points qT alkali metal chlorides (b) Melting points of sodium halides 

Let us now consider the solubilities of alkali metal carbonates and hydrogen 
carbonates in water at 298 K. The solubility increases as we go down the group 
Irom lithium to cae.sium as shown in Table 5.3. 

There is a smooth variation in the properties of alkaline earth metal hydroxides, 
iheir basicity and solubility in water increase as we go down the group. Be(0H)2 is 
amphoteric, MgfOH): is a weak base, Ca(0H)2 and Sr(0H)2 are moderately strong 
bases and barium hydroxide is nearly as strongly basic as the alkali metal hydroxides. 
The solubilities of hydroxides of Mg, Ca, Sr and Ba arc shown in Fig. 5.7 In 
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TABLE5 1 


Solubilities of Alkali Metal hydrogen carbonates (MHCOi) 
and carbonates (MjCOj) in Water at Z98 K. 


Alkali metal 

Solubility, n't % 


MHCOi 

MiCOi 

Li 

5* 

1,3 

Na 

9.4 

22.5 

K 

26.6 

52 9 

Rb 

53 f 

70 

Cs 

67 8'’ 

74 


a at 286 K, b at 293 K 


contrast to the hydroxides, the solubili¬ 
ties of sulphates of alkaline earth metals 
decrease as we go down the group. 

Magnesium sulphate is soluble ih water, 

CaS04 is slightly soluble and SrSO^ 
and BaS04 are insoluble (you may 
recall the test for ion in qualitative 
analysis). 

Wg. 5,7 the soi^UUtles of ftydroxldes of alkaline 
' '' ewih miak In water at.298 K, 

' MS(OH)* i Sr(OHh 1. 

, CaCOHb , eflfOHb 



EXERCISES 


5 1 What property did Mendeleev use to classify the elements in his peiiodic table'* 

5 2 State the modern ‘Periodic Law’. 

5 3 Explain the terms ‘Ionisation eneigy’ and ‘ electron alfinity’, 

5.4 Among the elements Li, K, Ca, S and Kr which one has the lowest fiist ionisation 
energy"* Whieh has the highest first ionisation energy"* 
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5,5 Among the elements ol tlie second period l.i to Nc pick out the clement 

(i) with the highest tiist lomsuuon energy, 

(ii) with the highest eleetioiiegali\iU; 

(ill) with the largest atomic ludius, 

(iv) that IS the most reaetisc non-metal. 

(\) that is the most leaetise metal. 

5 6 Winch ol the rollowing pairs ol elements would >ou expect to have lowei fmst loncsation 
energj''’ I \plam. 

(i) Cl 01 I- (ii) Cl 01 .S (m)KorAr (iv)KroiXe 

5.7 Why does the hist ionisation eneigy mcieasc as we go Irom Iclt lo light thiough a given 
period ol the peiuulie table? 

5.8 Which of the lollowing pairs ol elements would lime a higher electron ailinityt 
(i) N or O (ii) 1- or Cl, I xplam, 

5 9 Predict the density ol Cs horn the density of the lollowing elements, 

K 0 8fi g em\ Ca I 548 g,cm', Sc2 991 g'em' 

Rb I 532 g i in' .Sr2(>8g/tm* Y 4 34g.'cm’ 

C,s‘' I)a'5lg eiiiA l.a 6,16 g;cni' 

5 10 Aceouiu lor the fact that the 4th period has eighteen and not eight element,s, 

5 11 (iise the foimiila ol a species that will he isolecironic with the lollowing atoms or ions 
( 1 ) Ne (n) C 1 (ill) Cn ‘ (is) Rh’ 

5 12 'I he valenee o|. represcniaiise clement is either equal to the number ol the valence 
elections or eight minus this number. What is the basis of this rule'’ 

5.13 How do aioiiiic si/cs vaty in a group and in a peiiod'’ Give reasons for the variations, 

5.14 Which ol the lollowing pairs would have a larger sire*’ P.xplain. 

(il K 01 K'(ii) Hr or Hr (iii) 0‘ oi P 
(iv) 1 1 * or Nil' (v) P or As (vi) Na’ nr Mg^’ 

5.15 Lamhanides and actinides are placed in separate rows at the bottom of the periodic 
table. Explain the reason lor this arrangement. 

5.16 The elements. 7. - 107 and 7 -- 109 have been made recently; element Z = 108 has 
not yet been made. Indicate the groups in which you will place the above elements, 

5.17 Give tbc chaiaeteristic properties ol s. /», cl and /-block clcnienis, 

5.18 The first (IIi) and the second (IIG) ionisation energies (k.l/mol) of a few elements 
designated by Roman numcials arc shown below 



ir.i 

IF.3 

1 

2372 

5251 

11 

520 

7300 

III 

900 

1760 

IV 

1680 

3380 
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Which of the above dements is likely to be: 

(i) a reactive metal; 

(il) a reactive non-meial, 

(ill) a noble gas; 

(iv) a metal that forms a stable binary halide of the formula, AXj (X = halogen). 



UNIT6 



OBJECTIVES 


In this Unit, shall leatn 

* the explanation of the follov^g: 

Octet rule; ionic bond* covalent bond, coordinate covalent bond, 
hydrogen bond; single bond, double bond, triple'bond; polar ntolc" 
cules; 

♦ to write the Lewis structures of simple molecules; 

• the shapes, of simple molecules using the (i) valpnce shell electron pair 
repulsion theory, and (ii) orbital overlap model. 
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We HAY' ! laRNT earlier that a group of atoms having characteristic properties is 
known as a molecule Without considering their electronic structure, it is possible to 
obtain some information about the nature of molecules. For example, the relative 
numbers of different kinds of atoms (empirical formula), the actual number of 
different atoms (molecular formula), and even the relative arrangement of atoms 
(structural formula) m molecule can be obtained from chemical analysis and 
chemical behaviour However, a number of interesting and important aspects of' 
molecules can only be understood by considering their electronic structure. Let us 
consider the example of the hydrogen molecule which contains two hydrogen atoms 
We would like to know what holds the two atoms together m this molecule We 
would also like to know why molecules like H3, H4, Hs, etc. do not exist. Molecules 
have characteristic shapes. For example, the water molecule (H 2 O) is angular, methane 
(CH 4 ) is tetrahedral and so on Molecular shapes have a profound influence on 
physical and chemical behaviour Had H 3 O been a linear molecule instead of being a 
bent one, it would have had a different set of properties from those we are used to. 
Obviously, it is important to undeistauvi i jc factois re.sponsible for the shapes and 
geometries of molecules. 

6.1 CHEMICAL BONDS AND LEWLS f.i UUCT FRb 

Let us begin by considering the important question of how atoms ,n<' held tiigethei 
in compounds like NaCl and CI 2 . We say that a chemical bond c.Msls between the 
I'atoms whenever they are strongly held together as in a molecule, in other words, the 
II term ‘chemic al bon d ’ expresses the ex istence oHstrong forces of attraction between 
i'l ^e atoms. F rom the point of view behaviour a group 01 atoms held togetheTRas 
•ivery different properties from the isolated atoms. Thus, two H atoms and one 0 
atom have very different physical and chemical properties compared to the molecule 
H 2 O held together by chemical bonds, i.e., attractive forces. 

] The attractive force responsible for molecule formation is the ^^electrical force 
(betwe en electrons and nuclei. However, not all electrons in an atom are involved m 
^nlSlecule formation The iniler shell electrons are well protected and they are, 
therefore, generally not involved in the combination process. In discussing chemical 
bonds, it is adequate to consider only the outer shell electrons also called the valence 
electrons. The great American chemist, G ilbert Newton Lewis^ introduced simple 
symbols to denote the valence shell electrons in an atom. These symbols, called 
E LECTRON DOT SYU BftES or LEJWfi-STWBoTs, do not show inner shell electrons; the 
outer shell el^r^ jyre.shown nm oum'.ug .he cf '.he element. 

Some examples of Lewis symbols are; 
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Thes.e symbols contain a lot of information. The number of electron 
dots indicates the number of outer shell (or va lence^ electrons. For Li, Be, B and C, 
this number also indicates the common valence" of the element Thus, lithium is 
monovalent, beryllium i.s divalent, boion is trivalcnt and carbon is tctravalent. How¬ 
ever, the common Valence ot nitrogen, oxygen, fluorine and neon is 3,2,1 and 0 
respectively This means that the valence ol these elements can be obtained irom the 
Lewis symbols by subtracting the number ol dots from 8 To summarise, the 
common valence' of an element is either eqyal to the number 'of dots in the Lewis 
symbol or it is equal fo 8 minus the number of dots. 


Octet Rule: U is a fact that both neon and argon are not known to form any 
■ con^ounds-and- ba tE r tl i e. el em ents are monatom ic. It is also a fact that'a neon atom 
as 'well as an argon atom ha ve eight electrons in their valence shell. These observa¬ 
tions sugg^flhat a valence shell containing eight electrons irparticula rlv stable.^ 
Lewis therefore put forward the so-called Octet Rule ac cording to v/iTich a n atom 
tends to gain, lose or share electrons during molecule formation, such that there are 
elght'^ectrons surrounding it. The Octet Rule is very useful to explain the normal 
valences of the elements in a wide variety of situations. 


Gain and Loss of Electrons f lonic Bond)\ The most obvious way for an atom to 
have an octet in its valence shell is to acquire additiona l elec trons if it has less than 
eight valence^e.clxousl.9;r^,t£lo5fi,alL.lt§, outer electrons, fflt. 
atom has the electron configuration 2,8,7. It can have eight electrons (i e , an octet) 
in the third shell by gaining one electron. On the other hand, a sodium atom with 
the configuration 2,8,1 can have the octet in the second shell if it can lose an 
electron. We can now understand the reaction between sodium and chlorine to form 
sodium chloride Each sodium atom loses one electron to form a sodium ion Na^ , 
while each chlorine atom acquires an electron to form chloride ion, Cf . In terms of 
the Lewis structure, the reaction is written a.s 


Na+Cl-^CNaO (Cf) 

The formation of opposite charges leads to an attractive force between the sodium 
and chloride ions. Solid sodium chloride (NaCl) consists of an array of Na^ ions 
atid Cr ions held together by electrostatic attraction, Such an electr-ostatfcr force 
^b ptween op positely charged ions is cal led an ionic bond 

<1 The fmmula ot solid sodium chloride can be written as NaCl or Na^Cl (see 
Unit 3). It should be realised that this represents the empirical formula. The 
question of assigning a molecular formula does not arise as a solid ionic compound 
does not contain any molecule. The empirical formula of an ionic compound is 
easily derived if the valence of the elements forming the compound is known The 
valence is equal to either the number of electrons lost to form the positive ion or to 
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the number of electrons gained to form the negative ion. In short, ^e valence is 
equal ^the charge on the ion, 


Listed below are the common monatomic ions of the main group elements. 


1 

2 

13 

14 

15 

16 

17 

Lf 

Be^* 



N'- 

O'" 

F' 

Na* 

Mg'* 

Al'* 


P’" 

s'" 

pr 

K* 

Ca'* 






Rb* 

Sr'* 





Br 

Cs* 

Ba'* 





r 


Example 6.1 

Give the empirical formulas and Lewis structures for the ionic compound 
formed by each of the following pairs of elements: 

K. O; Ca, Cl, Na, S; Al, F; Na, P. 

Solution 

From the charges on the icJns, the ratio of the numbers of positive and negative 
ions in the compound can be found out. This gives the empirical formula. The 
Letvis structure is then easily written. 


Ions 

Formula 

Lem's Structure 

K*, O'" 

K2O 


Ca'*, cr 

CaCb 

(Ca'*) (lOl )> 

Na*, s'" 

Na2S 

(Na*) 2 (.s''') 

Al'*, F 

AIF3 

(Al*) (P.-), 

Na*, P'" 

NajP 

(Na*), (IP'’-) 


j Sharing of Electrons (Covalent Bond): The loss or gain of electrons so that a stable 
I octet results, explains the formation of many ionic compounds. In all such cases, 
I dissimilar atoms are involved. However, there are a large number of instances e.g. 
fj Clj, where the atoms involved are similar. Obviously, gam and loss of electrons 
> cannot be involved in such cases. Lewis therefore suggested that in a molecule like 
' CI 2 , the octet is completed by sharing a pair of electrons. 

:C1-+-C1. -- :C1:C1; 

As can be seen, the shared pair helps bo,th the atoms to have eight electrons in their 
. valence shells. Consider another example, PCL. The phosphorus atom has five 
, valence electrons. It can acquire three electrons from three chlorine atoms. 
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■P -t- 3-Cl; 


.d P:Ci; 

" ;g: 


Once again, sharing enables each atom to have the octet 

Whenever two atoms are held by a pair of shared electrons, a covalent bond Is 
said to exist between them. The Cb molecule has one covalent bond while the PCI 3 
has three covalent bonds To simplify writing, a covalent bond is shown as a line 
between the two atoms. Thus, Clj and PCI 3 are written as 


; Cl - Cl. 


;C1-P-C1' 

I 

;C1; 


In the above formulas, the valence electrons not involved in bonding (i.e., sharing) 
have been shown explicitly Such electrons are called nonbonding pairs, LONE 
PAIRS, or UNSHARED PAIRS. Each chlorine atom in both the examples has three lone 
pairs. The phosphorus atom in PCI 3 has one unshared pair, When bonds are shown 
as lines, it is a common practice not to write all the lone pair electrons explicitly, 
Thus, Ch and PCb are usually written as 


Cl~ Cl 


Cl-P-Cl 

1 

Cl 


Multiple Bonds: Consider the molecule CO 2 . Since a carbon atom has four valence 
electrons and an oxygen atom has six, it is not possible to write any Lewis structure 
in which only one electron pair is shared. However, by sharing two electron pairs, it 
is possible to obey the octet rule. 

;5::C:;0: 

Two shared pairs of electrons are shown by two lines, 

;0 = c = d- 

Such a bond is called a DOUBLE BOND. Extens ion of reasoning to N 2 shows that in 
this case the octet rule requires that three eTe'etron pairs are shared. 
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:N .N: 

Nj molecule is written as 

;N = N; 

This IS an example of a TRIPLE BOND, 

Example 6 2 

Draw the Lewis structure for carbon tetrachloride (CCU), a colourless liquid 
and a good solvent foi oils and grease 


Solution 


The Lewis symbol for carbon (which IS in group 14 of the periodic table) is 'C' It 
thus needs four more electrons to complete its octet. Chlorine is in gioup 17 of 
the periodic table and needs one more electron to complete the octet. The 
Lewis symbol for chlorine is 'Cl; It is obvious that four chlorine atoms can 
share four pairs of electrons with one carbon atom yielding complete octets for 
all the atoms. This can be expressed as follows. 


:d: 

■6+4-Ch •.CV.d.Cl; or 
■•Ch 


Cl 

I 

Cl -C-Cl 

I 

Cl 


Exc eptions to the Octet j?u/e.\ Although very useful in a large number of cases, the 
—ngfettnile has man y-exceptions. Let us consider three types of exceptions. 

Amv^o gen atom B as only one electron in the first (n = 1) valence shell Only 
one nmre electron is needed to fill this shell. The completed shell has the same 
electron arrangement as the noble gas heliuni. In tWs case, therefore,“an octet is not 
ngeded to ach ieve a stab le configura tion. Lewis structure for molecules containing 1 
hydro^n is easily written if this restriction is kept in mind. The electron dot 
structures of a few molecules containing hydrogen atom is shown below 


H2=:>H:H, HjOrOHiO:, NH3=>H.N.H, 

H 

On the basis of the octet rule, elements in groups 1, 2 and 13 should not form 
covalent compounds. This is because they have less than four electrons in their 
valence shell and cai»wTr~Tfreref<we- gfBjfvp an octet by electron sharing, However, 
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thiS- nmcliction = il !>'■ ''i.Mli-Ji.-jiis 

of these uroup '“'I.'.'. 

but the (only xlx electrons surround the boron atom). 


Bi'. ±;>±.B:B; BChr^y :Ci:B.Cl: 

■F: 'Id:” 


The third type of violation of the octet rule is ob seryedJor elements which have 
mors.than ei ght ele ctrons in theii^vjilence shells.Tf^andS F6 & r e two such examples. 
wherejF ±;'.'i * '*• •no'oTTir Mipoiiiided by l^nd 12 electrons 

respectively. 2 Bbs»» — 

6,2 SHAFTS OF' MOLECULES 

Molecule.s show geometrical patterns which are varied and artistic. Long, round, 
flat, and spiral .shapes are known. Also known are linear, triangular, square planar, 
pyramidal, octahedral and many other arrangements. Many physical and chemical 
properties are the result of the .shape that a molecule has. For examn le, some of-the 

'•'ter—'’ A f. Ar- yj . 

line.ii all .ii'< lo.i.i 


_ -w. —V- 

ol lit" liii, ' ; ties, 

Similarly,the hiologicallv-u nnortant DNA molecule partly owes its physico-chemical 
behaviour to if; floiFIc •T’iri.' .' hapT^hy is it that the korns of a molecule occupy 
geometrically (ci!u''o Im alumV' 

We have seen that ionic bonds arise due to electrostatic attraction. Since the 
coulomb force is non-directlonal (i.e., the strength of interaction between two 
{charges depends on the distance but not on the direction), the structure of an ionic 


ciystal i^ ;'i,n'imiiu.d iilPic.i (.iiliiciy by the icliijiyc^iyc.’ oQlig..i.ons^, C gyalent bonds 
fare, hQv~ri'i, ■ (77(TLimTa'i I'tm 'mk'i'ic Ji~! LO-.aienMydiohdi’d 'u.olecule is therefore 
-'' rections of the covalent bonds. 

‘ ■ determination of molecular geometry is a fascinating field. Chemists 

today have a wide variety of methods which permit measurement of distances and 
angles between the atoms. Wp will noi ciypsi der this aspect here but onhi d iscuss 
some of the basic ideas of the (valence ^ hell electron pair repulsion (VSEPRjVheory 
which enable us to understand whjfmolecules nave cnaracibristic shapes. 

’""’"TvSEPR^he^ 

^'■11 I— Ml—. . I 

/ According to~tEe~vSIence shell electron pair repulsion (VSEPR) theory t he dir aefiap 
^ ‘of the bonds around an atom in a molecule depends on the total number of electron 
rpairs (b unding as well as non-bonding) in the valence shell of the atom. Since the 
Telectron pair repel each other strongly, that geometiical arrangement is favoured 
jwhich places the electron pairs as far as possible. Let us see how this theory is 
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applied to the molecules of the type AB„ where A is the central atom and n is the 
number of B atoms that at tach to A by single electron pair bonds. 

Consider the molecul e\Bea^ Here Be is the central atom. The Lewis structure 
of the molecule Is 

■.d;Bc;a; 


There are only two electron pairs in the valence shell of the beryllium atom. The 
geometry of the molecule is therefore linear since the two electron pairs are placed 
at 180° with respect to each other. 

In the molecule ^F^(:F.B:F.), th ^ three electron pA jls-fomr-an-equilateral 

iFi 



NH3: In this case, thre e vertices are occu pied by theJiydrpgejLalflflJ^nd the fourth 
non-bo nding pair. This geometry is such that the three hydrogen atoms form 
an equilateral triangle vnth the nitro gen atom_at the apex of the triangular pyramid. 
Ammonia molecule has therefore^ia ti^ngular pyraimdal shap'e^ Note that ZHNH is 
the same as in a tetrahedron, namely 109.5°. The same analysis applies to molecules 
like ECI3, NFj and HaOl 

HiO' Two corners of the tetrahedron are occupied by the hydrogenatonjs and the 
remaining two corners by the non-bonding pairs. H 2 O is thus ^reSicted to be 
angular with ZHOH = 109.5°. Other molecules witK same shape areJiOv-NHr and 

This molecu le is necessaril)c^^ga^^ce it contains,iinly-twt^^ in 

this case also, the four electron pairs form the tetrahedral geo metry. 

We have so far considered up to four electron pairs. In PCI3, the central 
phosphorus atom has five electron pairs. The arrangement which keeps the five pairs 
as far apart as possible is trigonal bipyramid, the shape of the PCI3 molecule. 
Similarly; SFt is-iO r ,ta h £d E aL.. b?q^ p S i ^ the, ra n ulsion between the six electron pairs 
arounci the central sulphur atom is minimisedthis way! Fig'‘B!t*shows the shapes of 
various categories of molecules. 
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number of pairs 
arrangement of pairs 


2 

linear 

180« 


trigonal planar 


=- 0 _= 



number of pairs 6 

arrangement of pairs trigonal bipyramidal 



120 “ 


6 

octahedral 


tetrahedral 




Fig. 6.1 The various geometries based on the eiectron repulsion model. In each case the given 
arrangement minimises the electron pair repulsion, 


The molecular shapes deduced by the VSEPR theory ha-ve been verified by 
experiments. The theory thus provides a reliable method for understanding and 
predicting molecular geometry. 


6.3 QUANTUM THEORY OF THE COVALENT BOND 

We have so far described chemical bonding and molecular shapes in terms of 
electron dot structures and the electron pair repulsion theory. In the study of atomic 
structure, it was shown that a pmp nr dg a cc i ptirm nf nlRctrp n behavi fiii Li :equires_t b.e 
use of quantum mechanical ideas which includes the orbital concent and the Pauli 
exclusion principle.~VVe~tlierefi)ie turn now to a deeper view ol the covalent bond 
based oh "the ^aiTtum theory. Just as it was convenient to discuss the electronic 
structure of atoms in terms of the hydrogen atom—the simplest atom~it will be 
convenient to begin here with the hydrogen molecule (H 2 )— the simplest molecular 
system. 

6.3.1 The Hydrogen Molecule 

Experiments show that if a mole of Hz molecules is heated to a sufficiently high 
temperature, the following reaction takes place: 
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H2(g) + 433 kJ H{g) 


This equation tells us that a mole of Hi molecules needs 433 kJ of energy to 
dissociate into hydrogen atoms Conversely, the formation of a mole of H; molecules 
jom hydrogen atoms releases 433 kJ of energy. A '' i_' ’ _ J_'_ ' 

inergy (i.e,, it is more stable! thr ‘ j ' ' ;_I 

.0 an Hj molecule It is alway^ ■■— , has lowei energy as 

f iompared to the isolated atoms. We conclude that atoms form molecules because 
he latter are more stable, Energy tsJ ih erated when a molecule is formed, b yt energy 
s needed to break a molecule. ' 

What makes a hydrogen molecule more stable than two hydrogen atoms'^ 
Consider a single hydrogen atom as in Fig. 6.2a. The electron in the l.r orbital, as 
you know, corresponds to the probability distribution having the lowe.st eneigj^ This 
d istribution is spherically symmetrical meaning that it is the sa me 
The average distance of the electron from the nucleus m this orbital IJi llti 

The average distance in other orbitals is larger 


0 ) i 



(d) 

Fig, 6i2 Fofmatlor) of hydrogen mokculCi (a) iimpk N’preseniallon of ih^ hydfogen atom (shown as 
in orbUaL), (b) two Hydrogen atoms at large separation and therefore no interaction, (c) (hci dyelrogen 
atoms with moderate separaiton-Interaeiion harts, arrd (d) two hydrogen atoms as In ih molecule. 
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Imagine a second hydrogen atom (also having an electron in the b orbital) at a 
large distance from tlj^ first as shown in Fig. 6 2b. There is virtually no interaction 
between the two atoms at this distance and the total energy is just the sum of the 
energies of the individual atoms. Because energy is not lowered, no stability results. 
Molecule formation is thus not expected at large separations. The situation, however, 
changes if the two atoms are brought closer together as in Fig 6.2c. The electron of 
one atom begins to experience the attractive force of the nucleus of the other atom. 
As the atoms are brought still closer as in Fig. 6.2d the electron of one atom will be 
strongly attracted by the nucleus of the other atom. In an isolated hydrogen atom 
the electron is attracted by only a single nucleus, but when two hydrogen atoms are 
close together (Fig. 6.2d) each of the two electrons experiences the attractive pull of 
two nuclei. This is obviously a more favourable situation and we expect the energy 
to be lowered. 

What about the re pulsive forces between the two electrons and bet.ween the two 
nuclei? CertSInly, these Increase as the two atoms come closer. It can be shown that 
there exists a critical'dislahce 'WhCre the attractive and repulsive i nfluences ba lance 
eacH~other. ATdistances larger than this, the at tractive foTcnTstronger while at 
smaller distances , the repulsive force is more powerful (Fig. 6.3). Maximum lowering 
of'energv takes pTace at tnis critical distance, w hich is equivalent to sa ying that a set 
of t iyo'~B'Varen?giTliIor^^ em ?g . v .-.at~tlielinntka^^ Under these 

coridiliohs, the two hydrogen atoms form a stable grouping called a hydrogen 
molecule. 



Fig, <.3' Ihepg)' tifjtymn of im m ttfimctlon of Mleimueleot, feporathn , The 

minirtium euenv curve represents ihieauillbrU(m M&niti!teor s^~~^~^'‘‘~ 

0.74 AH U. 0.74 X Iff'"*- 


^ mittihkkUknomai 


mmm 


’ragen mo. 
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Chemical Bond in Hz Molecule: When the idea of a molecule was first introduced, 
chemists thought that the component atoms of a molecule are held together by 
bonds. As stated earlier, these bonds are symbolically represented by drawing a line 
between the atoms. Thus, H 2 molecule is written as H-H. The nature and origin of 
such chemical bonds cannot be understood on the basis of a structureless atom. By 
taking into account the attraction and repulsion of the electrons and the nuclei, we 
have now s^en how a group of atoms acquires stability. In the case of H 2 , the 
primary cause of stability is the attraction that each of the two electrons experiences 
from bpfti the nuclei simultaneously. The two electrons are a kind of cement which 
hold the two nuclei together. One may say that the pair of electrons shared by the 
two nuclei is the chemical bond. We now see the importance of electron pairs in the 
.Lewis structures The line drawn between two atoms to represent a chemical bond in 
the older formulation corresponds to a shared pair of electrons in the modern 
approach. Such a sharing of electron pair between two atoms is termed covalent 
bond. The electron pair may be shared equally by the two atoms as in the case of 
the hydrogen molecule where the two atoms are identical. In cases where the two 
atoms are not Identical the sharing may not be equal. 

T' ■' l_.^-*''!' ce correspo ndI»g~H&--the^minimum energ y and m aximum 

;,! i. ■ ■ ... .( ■' ^nd len5£!j ExDeriments1iavB''ShrDWTrTharT^^bond length 

‘ j (distance between theT^hydrogen nuclei) in an H 2 molecule is 0.74 X lO’^^m. The 
^ energy corresponding to this mi nimum i s called ._.the„t;Bon(t-*TTreTB5^\ If this much 
supplied from outsld^the bond will break and the molecule will 
dissociate. Dissociation energy is equal to bond energy for a molecule containing 
one bond only. The dissociation energy per mole of H 2 molecule is 433 kJ. 

iPrbital Overlap^Let us now see how to express the idea of electron sharing in terms 
oTorbiiais. When the two atoms are far apart as in Fig. 6,2b the two Is orbitals— 
and hence the two electrons—occupy different regions of space. Sharing of two 
electrons under these conditions is obviously impossible. In Fig. 6.2d, the atoms are 
near enough' for the orbitals .to overlap partlyr'The two electrons can therefore be 
^ hgred under the^conditions. We. cdncIuggThat-orbital overlap is necessary for the 
plectronTYo be shared (ix., for a chemical bond to be formed). We have earlier seen 
that if t wo electrons occupy ^hesame region of s pace then theirs nin ciinntiimn u mher _ 
must.bc different arrnrHinj; iii iHr 1^7can, Ibcrcroie, also conclude 

that the two electrons forming iheTiond must have opposite spins. 

Why only Hz molecule? It is most interesting that the few simple principles discussed 
above in the case of the H 2 molecule are sufficient to explain and predict a whole 
range of chemical facts. Let us consider the questionf'Why are there no molecules 
like Ha, etc,?” The answer is obvious. The or^tal overlap which led to t)ie 
formation of the H 2 molecule has used up both the available electrons to form the 
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covalent bond. No additional electrons being left over, the H 2 molecule has no 
capacity for bonding with more hydrogen atoms. Therefore, only H 2 exists but not 
Hj, H 4 , etc. Indeed^ the presence df only a single electron in the hydrogen atom 
implies the formation of a single bond. We thus have a straightforward explanation 
of the well known fact that hydrogen atoms are always univalent. 

JVhy not He 2 molecule^: An interesting fact is that whereas hydrogen gas consists of 
diatomic hydrogen molecules, helium gas (helium is the element after hydrogen in 
the periodic table) consists o nly of helium atorn s. Wh at prevents hejiiirR atoms from 
forming molecules? The Or bital overlap criterj o^ and the ^auli princ^l^mmediately 
provide the answer. The Is orbital in a hydrogen atom is only haH-iilled. Overlap 
with another half -filled orbital is therefore possible as sharing of the two electrons 
witiToppos itc spins d(^ not violate the Pauli principle. In ^ helium ato m the Is 
o^ral Ig-SIr eady fu ll. T he exclusion principle ther dn i^JodudsJi ^^ the iF 
oTBual ol another h^um aton ilt lelium iOher5^re7rino ^tomic~gas~^ 

6.3,2 Some Simple Molecules 

We shall now take up a systematic discussion of molecules formed by atoms of the 
second row elements of the periodic table. Our objectives are to illustrate further 
applications of the principles developed so far. 

It is useful at this stage to introduce a pictorial notation which simplifies the 
discussion of chemical bonding. We shall indicate orbitals by square boxes of the 
type, Q] Orbitals will be arranged in the order of increasing energy as follows: 

ls 29 2p 


The cluster of three 2p boxes represent the three 2p orbitals of equal energy. An 
empty boxQ m^ans a vacant orbital, a box with a single arrow (Q]) means a singly 
occupied orbital, while a box with two arrows ( QB ) means a doubly occupied 
orbital.* In this notation, a single hydrogen atom can be shown as- 

1s 2s 2p 


* A sljlgle electron in one orbital can have either up-spin or down-spin, the direction of a single arrow in 
a/box is therefore immaterial Two electrons in one orbital must, however, be paired in accordance 
■-With the Pauli principle. The two arrows in a box are, therefore, shown to be anti-parallel. 
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While a helium atom is: 



Overlap between orbitals, and hence bond formalum,will be shown by enclosing 
the appropriate orbitals within a rectangle. The picture for a hydrogen molecule is 
now given as: 



Fluorine Molecule. Let us consider a fluorine molecule. A fluorine atom has the 
configuration Ip^, which in the pictorial notation becomes: 



One of the 2p orbitals is only half-filled. A fluorine atom can join with another 
fluorine atom through the overlap of the two half-filled 2p orbitals resulting in 
sharing of an electron pair. 
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The formation of a fluoune molecule is quite similar to the formation of a 
hydrogen molecule, In both the eases, a single bond exists due to sharing of a pair 
of elections T he difference is that in F?, the shining results f rom the oveilap of In . 
orbitals while i JjI rhcic^anotlferXimSm^ 

in the two case- ,* e, .■ i. '.%o'i.. no' ii,' *1. 'hui';.. ,i. oincr election, each hydrogen 
atom acquires two electrons, which is the maximum capacity of the l.s orbital. By 
sharing another electron, each fluorine atom similaily acquires eight electrons which 
is the maximum capacity of the foui orbitals with n —2 quantum number. 

HF Moievule-. A fluorine atom can also shaie its unpaired electron with that of a 


hydrogen atom. The overlap in this case is between the Ip mbital of fluorine and 
the l.r orbital of hydrogen 






H- -t- ■¥•-* H ; F’ 


Flcctroncpativity: The electron pair in HF is not equally shared becati.se the two 
atoms arc different. The sharing in Hr, and also in Fr, is equal because bojh the 
atoms'are the .same A ctici v-;>’ hfim* I. "ii'ch ihc elci-'io'i p.-'f U''.' ‘I'.i. ^’...i :d 

IS sorriBflfflS's feirmed as ■■■.•iid I. s fio— r..- to n " v !■ o'’ n. ii. 

will have a greater share of the electron pair by comparing the electronegativities of 
the two atDm.s FIi'.'‘i )iie''ai’‘.i!' . '''i..”)' f ■-I ini. iidir cd b'. 1 i' a 

measure of the .m" .•■n aio'*-. la- i.» ,■ s' I’-i'i ■’ a 


molecule. The larger t!i.‘ i'k c.ciiici me I'liiac. hi 1 . s iro . ’iii '_;es 

have only relative significance. We shall study in later courses how these values are 
constructed from experimentaT data. Table STf'gives'lfie'efectfon^Mvity values of 
some typical elements. 


Fluorine being the most electronegative element, 
eler'TO" pni- iri an ITT I'Ji'"'!!’''';-']-''- Vhns WeTTuorme atom in an HF molecule acquires 
a 'i,i,-'i'.i'i,il ncg.i'-ic i-l .I'.'c '1-iic ■-li.- iivd'o gen atom acquires an,.gflua.LbuLaBPOsbe 
po''"'., ■, I !■' .sc 'll' .1' sue-*- 'll' point we can write the hydrogen flouride 
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LINUS PAULING (1901-) 


Linus Pauling was born in portlanif, 

Oregon, U.S.A, in 1901 He gradua¬ 
ted from Oregon State College in 
1922 and he received his doctor’s 
degree in chemistry from the Califor¬ 
nia Institute of Technology in 1925. 

He was offered a professorship at 
this institution and remained there 
for the rest of his academic career. 

Pauling did much to develop our 
knowledge of chemical bond. He in¬ 
troduced many important concepts 
like electronegativity and resonance. 

He was one of the few chemists who 
considered the possibility of noble gases to form compounds. He published 
his ideas on chemical bonding in a book entitled The Nature of the 
ChemicaJ Bond. He was awarded the Nobel Prize in 1954 for his work on 
molecular structure. From 1950 onwards, Pauling devoted most of his 
researches to biochemical problems, including the structure of proteins 
the physiological functions of antibodies, the effect of the certain blood 
cell anom^ies, and on anaesthetics. He was one of the first to suggest 
that protein molecules have a helical shape. He has claimed that large 
^ses of VUamm C are effective in preventing common cold. After World 
War 11, Linus Pauling became a passionate supporter of nuclear dis¬ 
armament and was awarded the Nobel Peace Prize m 1962, thus becoming 
the fourth person in history to win two Nobel Prizes. 



ipPlS'l'I.e as H‘'i-F^r^.W.hcre ‘ (5"; 
means a small amount of positive charge. 


H2O Molecule; Let us now consider some molecules containing an oxygen atom. 
This atom has the configuration V The four electrons in the 2p orbitals can 
be distributed in two ways. Which distribution has lower energy^ 
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or 


Obviously the second one, In the first, two orbitals contain Lwo electrons each 
where^ in the second, one orbital contains two electrons and the other two orbitals 
are singly occupied. When two electrons are in the same orbital, there is naturally 

TABLE 6.1 

Electronegativily of Some Elements 




H 







2 I 







Li 

Be 

B 

C 

N 

0 

F 

1 0 

1:5 

20 

25 

30 

35 

40 

Na 

Mg 


Si 



Cl 

0.9 

1 2 


1.8 



3.0 

K 






Br 

0,8 






2.8 

Rb 






I 

08 






2,4 

Cs 







0.7 








more replusion. The second possibility is therefore preferred in an oxygen atom* 
There are six electrons in the valence orbitals of oxygen (besides the two electrons in 
the injter Is grbit al): 


O 


Is 28 

Inl El 



An oxygen atom can complete its octet by sharing two electron pairs. An example 
of this is HrO. 

What is the angle subtended by the three atoms in H 2 O? The question can be 
answered by taking into account the directional character of p orbitals. We -know 
that the three 2p orbitals are concentrated along three different directions perpendi¬ 
cular to each other. Thus, if one of the Ip orbitals is pointing along the X-axIs, 


* In the filling up of a bub*sheil, an electron prefers to go to an unoccupied orbital as tong as one is 
available rather than pairing up This rule is called Hund*s rule 
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|va m I- j ■ti 



the other two must point along the Y-axis and the Z-axis respectively. In the oxygen 
atom we need to consider the directions of the only two of the 2p orbitals which are 
involved in bonding. These may be thought of as lying along the X anti the Y axes 
(Fig, 6.4), Since overlap is responsible lor bonding, we expect that the strongest 


Y 



Fig. «,4 OrbUm model of 



bonding and MOl.FCUI AR S I ROCl URl- 
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bond would result if the overlap is maximum The most favourable situation 
therefore demands that theX WO liydn l^ >en aloms he phir-od nn Ihe X-anri the V-ayf;s_L !l^ 
so th at each of theii l.s orbitals can^maud^Miunaxuirally. W e would therefore expect 
HjO to be a bent molcculc~with thq..HOH aiiule of 9fl° ^perimeTits confirm that 
the the mcasurea ani^ Is' aboutQliI 3?2J^ is easy to 

understand the reason for this discrepancy. Oxvmrrrfa eiiia iiK)i F ~gtecfro^ative than 
h ydrogen, charge s epaiation occurs in each ot the OH bonds Ihe oxygen atom 
attains frac tional negative charge a nd the two hydrogen atoms become positively' 

(5-1 ' ■ 

O. 

charged e.g., (S+l/ 'n( 5+) . Regul aion between the nositive charges causes 

.-- H H ( - 

e xpansion of the H OHai ^e thus accounting tor the deviation from the predicted value. 

We have earlier expiauTed the shape of the H 2 O molecule on the basis of the 
VSEPR theory. The orbital-picture described here provides an alternate explanation 
of the same fact. 

Our explanation of the HOH geometry applies equally well to HzS and HzTe 
because oxygen, sulphur and tellurium atoms have the same valence orbital con¬ 
figuration of ns^ np"'. However, sulphur and tellurium atoms are larger than the 
oxygen atom. This means that the hydrogen atoms in H 2 S and H 2 Te are more 
separated Repulsion is therefore less. The HSH and HTeH angles are indeed 
experimentally found to be quite close to 90“. ^ 

Oxygen Molecule: An oxygen atom can complete its octet by joining with another 
oxygen atom to form an oxygen molecule. ■---- 1 


1s 


Is 


23 


2s 


4 ^ 



2p 

1 

_1 



t 

1 

1 

__ 1 

2p 

^ i 

1 

1 

_1 

1 





1 


U.-.J 


: 0 :! 0 ! 


In this case, one set of 2p orbitals overlap as in the e arlier examp les b ut another set 
of 2p or bitals—which are perpendicular to tne t irst sideways. Two pairs 

of-rtECfrons are shared and we say that the two oxygen atoms in an O 2 molecule 
form a double bond. Both the electron pairs are e xpected to be spin paired. 

1( ExDerIments~show 'tha ip32 is. paramagneti^ If one pours liquid oxygen (which 
^consists of O 2 mlecules) between the pole pieces of a magnet the liquid is attracted 
>^y the magnet showing that it is paramagnetic A similar experiment with liquid 
(hitrogen (which consists of N 2 -molecules) shows that N 2 is non-magnetic. The 
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/paramagnetism of 0 -. iff rim -TtrT fe r " 7nesenoe-43£ two unpaired ^ctrons (i.e, two 
electrons have the snme rather than the opposite spins). Our simple picture of O 2 is 
thus not entirely correct. A more accurate picture will be discussed in more advanced 
'Courses. 

Nitrogen Molecule: The preferred electron distribution in nitrogen atom is: 


N 




An Ni molecule is formed by the union of two atoms such that three 'pairs of 
orbitals overlap (one pair overlaps end to end and the other two sideways). 


1a 28 


.p 

-1 

1 

1 

• 

- tl ,ti 



t 
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pp 
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~ u E 
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1 

J 


* 1 

L_-J 


Three electron pairs are shared resulting in a triple bond in the molecule. Alt the 
electrons arp spin paired. Both these features are in agreement with the observed 
facts 

Ammonia Molecule: A nitrogen atom can also combine with three hydrogen atoms 
to yield ammonia, NH3. 


) _The directional character of the p orbitals suggests that NH j^_shou ld be a 
* pyramidal molecule th e three h^Ogeil alums forilllrtH llie ba ^e^d ■tb e-nttfogerr*' 
aionTa nhc apex. .'Vll the'HNH angles ^ouia be w”, iixperTinents a^in show that 
though our general conclusions are correct, the angles are larger, As in an H 2 O 
molecule, repulsion between like charges on the hydrogen atoms arising from 
difference in electronegativity between N and H expands the HNH angle. 


6.3.3 Carbon Compounds 


Carbon forms such a fascinating variety of compounds that an entire branch of 
chemistry, namely organic chemistry is devoted to the study of carbon compounds. 
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electronic configuration of a carbon atom is Is^ 2s^ 2p^ 



The presence of two half-filled 2p orbitals would lead us to expect that carbon 
would form divalent compounds. With hydrogen, carbon would be expected to form 
CH 2 as illustrated on page 178.. 

In fact CH 2 is very unstable and reactive. This is because the carbon atom has 
only a sextet (i.e., six) of electrons rather than the stable octet. In the orbital 
language, vacant valence orbitals, like the vacant 2p orbital are responsible 
for chemical reactivity. The overwhelming majority ot carbon compounds, however, 
do not exhibit such instability and the carbon atoms in these compounds are always 
tetravalent. How can we understand the tctravalency of carbon from the electronic 
point of view? 


I We see that in t he 2s valence orbital of carbon, there is a pair of electrons. If one 
I of these electrons could be transferred to the 2p orbital (this proce^ would require 


there would result four partially occupied orbitals all of which can parti 
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ci^ate in bond format ion This would then yield tetravalent carbon compounds 
Since the formation oT a bond lower^ energy, the formation of four bonds would 
tower the energy more than that of two bonds (by a divalent carbon). This additional 
towering of energy more than compensates for the energy required to transfer the 2s 


electron to the higher energy 2p orbital. Thus, although the tr ansfet^rf-an-electcon-— 
usually called prom otion nf thf plppimn —js by itself an energetically u n fav ourable 
jrocess. iUeads to an overall lowering because it increases the bondUnj^capacity of 
t he carbon atom from two to four. 

Promotion of a 2s electron in carbon gives the distribution, 1/ Zs' 2p^. 



It may appear that such a distribution nicely explains the existence of a molecule 
like methane, CH^, because each of the four half-filled orbitals can overlap with the 
four to orbitals of the four hydrogen atoms. However, there are two difficulties The 
above distribution predicts that in the CH< molecule one of the C—H bonds 
involving the 2s orbital should be different from the other three C—H bonds 
involving the 2p orbital. It also predicts that while the first C—H bond should have 
no preferred direction, the other three C—H bonds should be along the X-, Y-and 
Z-axes (i.e., perpendicular to one another). Experiments do not support either of these 
predictions. All the four C—H bonds in CH 4 are equivalent and are directed towards the 
vertices of a regular tetrahedron. 
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Hybridisation^ We shall now introduce the concept of hybridisation which removes 
the two difficulties mentioned above. Hybridisation means mixing of orbitals. The 
idea can be clarified by an analogy. Suppose we want to paint a wall which requires 
four buckets of paint and we have one bucket of yellow paint and three buckets of 
blue paint. If we first use yellow and then the blue colour (or vice versa), the 
painting of the wall will be non-uniform, i.e. one fourth of it will be yellow and the 
rest blue In order to get paint uniformly we will first have to mix the yellow and 
the blue paints thoroughly. The total amount will still be four buckets which can 
cover the wall uniformly with the same colour tof course, the colour will now be ' 
neither yellow nor blue—it will be greenish) Whatever be the colour, the wall will 
have the same colour everywhere Hybridisation of orbitals is a similar concept. 


o<0 



(a) 


, Fig. <5.5 (a) A single sp^ hybrid orbital 
(b) Four leirahedratly dispersed sp' hybrid orbitals 
(formed fiom one s-and three p-orbitals) The 
smaller lobes are not shown. 


sp^ hybridisation. If one 2s and three 2p 
orbitals of carbon atom are mixed 
(hybridised), four equivalent orbitals 
(Fig 6,5a) will be created, which will 
form four equivalent bonds. These 
equivalent orbitals are commonly called 
jsp^ (pronounced es pee three) hybrid 
prbitals because they are formed by 
jtnixing one s and three p orbitals (Fig 
»|6.5b). One may ask the question, “We 
understand how to mix paints, but how 
do we mix orbitals'^” This is a very 
natural question, but unfortunately no 

satisfactory answer can be given at this stage. The ‘mixing’ is done in a mathematical 
sense, details of which can be understood in more advanced courses All that needs 
to be known now is that to explain the structure of a saturated hydrocarbon like 
CH 4 (where carbon is tetravalent), it is necessary to use four sp’ orbitals which are 
pointed towards the corners of tetrahedron. These sp^ orbitals have some features of 
s and some features of p orbitals. Each one of these four spi orbitals forms a bond 
by overlapping with the 1 j orbital of the hydrogen atom. 

Consider now two carbon atoms, each with four half-filled sp^ hybrid orbitals 
(Fig.6.6). One hybrid orbital of one of the carbon atoms can overlap with the hybrid 
orbital of the other carbon atom to form a C—C bond. The other three orbitals on 
each atom can be utilised to form six C—H bonds. One thus arrives at the structure 
of CjHe (ethane). By an extension of the argument, the structure of any saturated 
hydrocarbon can be deduced. The structures of derivatives of saturated hydro- 
- carbons, e.g. CH3F, CH2 CI2, C2H5CI can also be easily derived in a similar fashion. 



180 


CHEMISTRY 



one s and three p obritals Another type involves mixing of one s and only two p 
orbitals. This yields three hybrid orbitals called jp^(pronounced es pee two) orbitals 
(Fig. 6.7). The third p orbital, not used in hybridisation, is used in bond formation as 
a pure p orbital concentrated along one of the axes. The three sp^ orbitals can be 
shown to be directed towards the corners of an equilateral triangle. This type of 
hybridisation can be used to explain the structure of an unsaturated hydrocarbon like, 
ethylene, C 2 H 4 . 



FIe. 6.7 Fornioiiofi of three ,ip‘ hybrid orbitals from one s-and two p-orhitak (sp' hybridisation) 


Imagine two carbon atoms, each having its half-filled sp^ orbitals lying in a 
plane, and let the pure half-filled p orbital on each atom be perpendicular to this 
plane. An sp^ orbital of one carbon atom can overlap with an sp^ orbital of the 
other to give a C—C bond (Fig. 6 . 8 ). The other two hybrid orbitals one on each 
atom, at an angle of 120° with the C—C axis, overlap with the four li orbitals of 
four hydrogen atoms to form four C—H bonds. The two pure p orbitals at right 
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Fig, <,8 Bo.nding In ethyUne; (») Conventional way of showing tingle bonds anf doubly bonds, in 


•ethylene (b) Orbital diagram for sigma bond framework (e} Orbital diagram forpbbond 

angles to the sp^ orbitals, which are parallel, overlap sideways to form a second C—C 
bond. We thus get a molecule in which there are two bonds between the carbon 
atoms (i.e. a double bond C = C) and having the geometrical structure shown in the 
figure. 

'TtTthis molecule there are two bonds between the two carbon atoms; the one 
formed by the overlap.of,jj 2 ijorbitals,is a (s igm a) bond while the other one formed 
by the overlap ol the p orbitals is u r (pi) bond In a o bond, the orbilals citerla'p 
along thT'ihternuelear a \js The probability foi finding electrons is maitiiniim, in 
belwMnJhe'tyiiorupcJet, Ihe C—H bonds in this molecule (and also in a molecule 
like methane) are a ^onds^lfTa-T 

probability for finding the elecffBfK“'^'’^iaSmum above and below the internuclear 


FSaWres of n bonds: There are several features of a tt bond which are easy to 
understand. For example, since parallel orientation of the two p orbitals is necessary 



' Lack Of rotation aroupda'TT^'t^ , 
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for a proper sideways overlap (Fig,6.9), all the atoms in the C 2 H 4 molecule must be in 
the same plane as this alone ensures that the p orbitals will be parallel. Rotation of 
one CH 2 fragment with respect to the other will interfere with maximum overlap of 
the p orbitals and therefore such rotation is prohibited. 

A disubstituted ethylene like C2H2CI2 can exist in two forms because of the 
absence of rotation around the C=C bond. 



i , In the firsi,one,"called the cis form,,the chlorine atoms are on the same side 
(While in the other—the trans form—the chlorine atonis 'afe on opposite Sides.'Such 
cis-traffirisonterrstn Was" known before the electronic theory oftionding was develop¬ 
ed. The electronic theory however makes it clear why this type of isomerism exists. 

Rotation of one CH3 fragment against another in a CiHs (ethane) molecule does 
not affect the overlap mao bond. Consequently,free rotation around a bond is 
always permissible. Cis-trans isomerism is, therefore, not possible in saturated organic 
molecules. 

Another important feature of the tt bond arises from the fact that the electrons 
in this bond are placed aboye_ and below the plane of the bondltig atoms. The 
electrons are more exposed and. are* therefore susceptible" to'alfack, especially by 
electron seekiHrCteripxidtsing reagents). It is hardly surprising,, .such,that ethylene 
readily reacts with oxidising agents like potassium permanganate or potassium 
dichromate at ordinary tem peratures whereas etha ne (which has only cr electrons) is 
totally unaffeci^ bF^es^jeagf;iits.,,.^t JWirmal temiTemtuTesi'Tn geifier'd , TT bonds 
provide the mosTrgatgfive centres in unsaturateH mbleculcsr^^ml^ridafe chemical, 
biological and other characteristrcsIOf tc electrons will be discussed in later courses. 


P 9 8P sp 




FI?, 6,10 Pormalion of the t\vo sp hybrid orbitals from one s-and one p-orbital 
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sp Hybridisation: There exists one more type of hybridisation involving the s and p 
orbitals called the sp hybridisation. Here, one s orbital and one p orbital are mixed 
together to give two sp (pronounced es pee) hybrids leaving two p orbitals as such 
(Fig 6.10) The two sp hybrid orbitals are directed opposite to each other, i.e they 
make an angle of 180° with respect to each other. The linear structure of a molecule 
like C 2 H 2 (acetylene) is easily explained on the basis of sp orbitals, the overlap 
between one sp orbital from each atom will give one C—C bond of the a type (Fig. 
6.11) The other sp orbital on each atom pointing in the opposite direction is utilised 

H-C — =c- H 

(a) 




(b> 

Fig. 6.11 bonding m acetylene (a) Conventional way of showing single bonds and triple bonds in 
acetylene (b) Orbital diagram for sigma bond framework (c) Orbital diagram for triple bond 

in the formation of a C—H bond. We are now left with four pure p orbitals, two on 
each atom Tliey formTwb sets oTparallel p orbitals at right angles ta»each.-othei;.and 
also to the. .? bonds . Within each set^ sidcWays overlap can takejB,l 3 ;S,gn{ing^j^^o tt 
bonds. Thus, acetylene should have a triple bond (one a and two tt). Whenever there 
are multiple bonds b^ween any two atoms, one of them would be a a bond the 
others would be jrJ^nds^For example, in the O 2 molecule, discussed earlier, there 
IS one cr and one tt bond, and in the N ^mol £c.uI& there is one a and two tt bonds,. 

In the thirdToiV eleWents, valence orbitals include the s and p as well as the d 
orbitals. Many hybridisation schemes are possible with the help of these orbitals 
which explain octahedral, square planar and other molecular shapes observed in 
nature. The chemistry of transition elements is particularly dominated by the hybnd 
orbitals formed from the s, p and d orbitals. 

6.3 4 Boron and Beryllium Compounds 

Having considered the carbon atom in some detail, let us now turn our attention to 
the boron atom. This atom has the configuration li^ Is^ 2p' Promotion of a 2s 
electron should be favoured as it would make available three electrons for bonding. 



(c) 




184 


CHEMISTRY 


The inequivalence of the 2s and the 2p orbitals can be removed by forming sp^ 
hybrid orbitals. It follows that in a molecule like BFj formed by the overlap ofsp^ 
hybrid orbitals of boron and the p orbitals of fluorine atoms the three B-F bonds 
should make an angle of 120° with each other—a prediction fully verified by 
experiments. 

In beryllium atom (Lv^2^^),, promotion of one 2s electron to the 2p orbital 
permits the possibility of sp hybridisation. The two sp orbitals being oriented in 
opposite directions,a molecule like BeF 2 should be linear as observed. 

6.4 THE COORDINATE COVALENT BOND 

In all the examples considered so far, the two atoms involved in covalent bonding 
contribute one electron each to form the shared electron pair. A covalejit bond, 
however, can also result if only one of the atoms contributes both the electrons. 
Such a covalent bond is referred to as a coordinate covalent bond or simply as a 
coordinate bond. 

* Sulphuric acid (H 2 SO 4 ) -provides a simple example of the coordinate bond. The 
Lewis structure of this molecule is shown below; 

: 0 : 

H:Or S .0:H 

* * 

: 0 : 

For clarity, we have indicated the valence electrons of the sulphur atom by crosses 
(x) while those.of the oxygen and the hydrogen atoms are shown, aa usual by dpts. 
It can be seen that the bonds between the sulphur atom and the oxygen atoms of 
the OH group are of the normal covalent type, each atom contributing one electron 
to thff Sharffd’liair. (The pair consists of a cross and a dot, the cross coming from 
the sulphur atom and ihc dot Irom iHc o.xygcn atom'. The boiiiN bciwceii, the 
sulphur atom and the other two oxygen atoms al%o involve electron pairs but ip this 
case, the shared pair consists of two crosses, i.e. both the electrons come from the 
sulphiif atoms. These twb'Boridfs afe'oftKe coordinate covalent type. To distinguish 
between the two types of covalent bonds H 2 SO 4 is often written as 

H-O-I-O-H 

I 

O ' 

where the lines represent coyqlent j^nds and the arrows represent coordinate bonds, 
The arrow indicates that the sulphur atom has donated, an election, pair to the 
acceptor oxygen mom. (Ihc coordinate bond, lor this reason, is also called a dative 
bond or a donor—acceptor bond:) ' 
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There are many examples where two (or more) stable molecules combine to yield 
a molecular complex. A coordinate bond is usually responsible for holding the two 
molecules together in’such complexes. Let us feconsidef the molecules NHr'and BF3 
The electron dot structures of these molecules are. 

H .F. 

HN. B.F; 

H :F." 

The nitrogen atom has a full octet around it but the boron atom has only a sextet. 
A coordinate covalent bond m which the unshared electron pair is donated by the 
nitrogen atom permits the boron atom to acquire the octet. The ammonia-boron 
tnfluoride molecular complex can be shown as 

H F 

I I 

H—N- >B—F 

I 1 

H F 

Coordinate bonds are involved in the formation, of transition metal complexes 
also known as coordination compounds. Examples of such molecules will be dealt 
with in later courses. 

r - /I 

6.4.1 Ionic Bond as an Extreme Case of Polar Covalent Bond 

We have earlier mentioned the fact that if two atoms with different electronegativi¬ 
ties are bonded, the atom with greater electronegativity has the greater share of the 
electron pair. In LiF , the difference in electronegativity is so large that the fluorine 
atom is almost in complete possession of the electrom.pair.,Jt.is mjore appropriate in 
such circumstances to say, that an electron has been transferred from the lithium 
atom to the fluorine atom. We kno^ that loss of an electron by a lithium atom 
means formation of the LF ion, while gain of an electron by a fluorine gives a F' 
ion ThuXffansfet of an felectfon from lithium to fluorine amounts to the formation 
of the LFF" ion pair. In guch an ion pair, we have 10ns (positive and negative), and 
not atoms, held together by mutual attraction or what is known as an ionic bond 
l^n ionic bond is an extreme case of a polar covalent bond. It results when the 
[ ’sharing is so unequal that it is more convenient to regard one of the electrons as 
transferred frotn. one atom to the other. 

f 'Energy considerations involved in an ionic bond are worth examining from 
another angle. To remove an electron from an atom, the energy needed is the 
ionisation energy of the atom. The ionisation energy of alkali metal attorns js low, 
meaning that comparatively lesS energy is needed for removing the valence electron 
Atoms like the halogens have an attraction for electrons. Such atoms release energy 



186 


CHEMISTRY 


(the energy released is called electron affinity) on acquiring an electron. It turns out 
that the electron affinity of a fluorine atom is lower than the ionisation energy of a 
lithium atom. The electron transfer from the lithium to the fluorine atom is not 
favoured energetically. However, the Li^F"ion pairs are indeed formed; This is due 
to the fact that the electrostatic attraction between the two opposite charged ions 
(LFF') more than compensates the energy difference between the ionisation energy 
of Li and the electron affinity of F. 

In cash one wonders why attraction does not lead to a merger of the two ions, 
one should recollect that there are repulsive forces between the nuclei of the two 
ions and between the electrons of the two ions. If the ions come very close, 
repulsion outweighs attraction and pushes the ions out. If the ions are far apart, 
attraction outweighs repulsion and pulls the ions in. Equilibrium is achieved at such 
separations where the attractive and repulsive forces balance each other, Other 
examples of ionic bonds are Na^CF, K^F'and K'd'. 

It was stated earlier that a molecule is formed when a group of atoms acquire 
stability through lowering of energy. We have now seen two mechanisms by which 
lowering of energy is achieved In one case, an electron pair is shared (covalent 
bond); in the other case an electron is transferred, the resulting ions being held 
together by mutual attraction (ionic bond). In between the two extremes lies the 
polar ^covalent bond which is partly covalent and partly ionic. It is possible to 
estimate the percentage of ionicity—also called the ionic character—of a polar 
covalent bond fiom experimental data. It may be noted that bonds in molecules are 
always of the polar covalent type since hundred per cent covalent or hundred per 
cent ionic bonds are not known However, a polar covalent bond which is pre¬ 
dominantly ionic (i.e., having 50 per cent ionic character or more) is normally called 
ionic Similarly, the one with a predominantly covalent nature (i.e., less than 50 per 
cent ionic in character) is commonly known as covalent. 

6 4.2 Ionic Character of Bonds and Polar Molecules 

A simple method for calculating the percentage ionic character of bonds is based on 
the measurement of the dipole moment. When a positive charge is separated from a 
negative charge, the pair of opposite charges is called dipole For example, a 
molecule like HF behaves like a dipole. It is u-cf'.': to iiiliod.uc a i.i:.i:ilil\ earn'd the 

f dipole moment which is equal to the charge or. e-.lic o: :! i; a'O’ns ibiMf eli.iici;' are 
lequal) multiplied by the distance between them, The dipole moment has a direction 
jwhich is conventionally indicated by drawing a^ arrow—the tail of t he a rrow is 
'placed on the positive end and the head on the negative end, ThiisT^the dipole in HF 
is represented as, 
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The dipole moment of a molecule can be experimentally measured. Let us 
suppose that we are able to determine the dipole moment of HF and let us also 
suppose that we know the distance between the two ions. From the definition of the 
dipble moment (charge X distahc^ it follows that we can calculate the exact charge 
on either'atom. If an electron is fully transferred from one atom to another, this 
charge will be equal to the electron charge However, if the transfer is partial, then 
the charge calculated from the dipole moment must be less than the electron charge. 
The ratio ' of the actual charge to the electron charge immediately provides an 
estimate of the ionic character 

In molecules containing more than one bond, the dipole idea can be applied to 
individual bonds within a molecule It is then known as bond dipole. A bond 
between atoms with different electronegativities must obviously have a dipole 
associated with it. However, whether a molecule as a whole possesses a dipole 
moment or not depends upon the relative orientation of the bond dipoles. Thus the 
dipole moment provides useful information about molecular shapes as the following 
examples show. 

The dipole moment of the BeFa molecule is found to be zero. Different electro¬ 
negativities of beryllium and fluorine atoms means that the Be-F bond must have a 
bond dipole. How can the two bond dipoles be placed so that the net effect is zero? 
If equal arrows are pointing in opposite directions, their sum is zero (Fig 6.12). 
BeFj must therefore be a linear molecule as stated earlier. 



bond dipoles total dipole moment 


Fll. 6,12 Dipole moment dlagiam of BeFi (a nonpolar molecule) 

The tnatomic H 2 O molecule has a dipole moment. This fact immediately rules 
out the linear structure H-O-H and proves that H 2 O is angular (Fig. 6 13). Molecules 
having a dipole moment are known as polar molecules. 

BF3 also has a zero dipole moment but B-F has a bond dipole. The three arrows 
shown in Fig. 6.14 give a net sum of zero because the resultant of any two (by the 
law of parallelogram of forces) is equal and opposite to the third. The three fluorine 
atoms must therefore bC' at the vertices of an equilateral triangle with the boron 
atom at the centre. 

The tetrahedral structure of CH 4 gives zero (|^ipole moment as the internal dipoles 
associated with the individual.bonds, C®—H*^ (which have small but finite^ipole 
moment) neutralise each other 
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Covalent and ionic bonds are the only possibilities in isolated molecules. Molecules 
are sufficiently isolated from one another only in the gaseous (or vapour) state. In 
liquids and solids—which may be collectively called as the condensed sta|e—not 
only does one observe covalent and ionic substances but also substances characterised 
by the'so-called'metallic bond and van der Waals’ bond. )Ve shall briefly examine 
bonding in the condensed state, with special reference to the solid state. 

A solid or a liquid is really a. cluster, of molecules, The difference in solid and 
liquid clusters is mainly of ordering. SolicJ, plusters are regular (ordered) while liquid 
clusters are irregular (disordered) However, both types of clusters are_ formed 
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because energy is lowered by such cluster formation We have seen how the energy 
of a'group of atoms is lowered through covalent and ionic bonding. We will now see 
how the energy of clusters of molecules is lowered through various kinds of 
bonding. 

Ionic solids: Consider a large number of Li^F" ion pairs in the vapour phase. As the 
temperature is lowered or pressure is increased, expect lithium fluoride vapour to 
condense. What arrangement of Li^F' ion pairs would correspond to lowest energy"? 
Naturally, an arrangement in which every F" is surrounded by as many 1.1^ as 
possible" and every Xr is surrounded'By' as many F" as possible The number of 
oppositely charged ions that surround a particular ion depends upon the relative 
sizes of the positive and the negative ions.'For example, in lithium fluoride (or 
sodium chloride), each Li^ (or Na^) ion has six F"(or Cl") as nearest neighbours and 
F" (or Cf) is surrounded by six Li'^'(or 
Na'") ions (Fig. 6.15) Such a regularly 
ordejrgd th|;ee-dimensi6lfial array is call- 
fd a crysta^ A crystal with ions as units 
^'"calted'“an ionic crystal. Substances 
like lithium* ffuoii'de, So’Slum chloride 
and potassium .chlanijje exist in solid 
state asriomc crystajy Positive and 
negative Tons arelhe units out of which 
ionic crystals are formed. These units 
are held together by attractive forces 
between the oppositely charged ions. 

One can alternatively say that an ionic 
crystal is held together by ionic bonds^ 

Ionic solids have generally high melting, points,because considerable thermd 
energy is needed to overcome the attraction between oppositely charged ions. In the 
molten state, the regular arrangement of a crystal is destroyed but on an average, a 
positive ion is surrounded by a number of negative ions and vice versa. Ionic 
substances conduct electricity in the molten state because the ions are free to jnove. 
However, ionic solids do not conduct electricity since iqns^are. not free to move in 
the crystals. Ionic solids dissolve easily in polar solvents h^ke wate^. 

Molecular Solids: Vv^e have seen earlier that a molecule like H 2 cannot form 
additional covalent bonds became_ the; hondiag,capjicity;-M. both ..the,. atdJJis is 
saturated. However, the fact that hydrogen gas, which consists of H 2 molecules, 
liquifies and even solidifies at low temperatures implies that attractive forces jaust.be 
present between Hj molecules.The, origin of such attractive forces can be understood 
in the following manner. 
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Let us consider a helium atom. The most favourable arrangement of the two 
electrons is as shown in Fig. 6 16a where the electrons are located diametrically 
opposite to each other and the centres of positive and negative charges coincide. The 
probability of such a configuration is maximum. However, because an electron in an 
atom or a molecule does not have a fixed position, other configurations are also 
possible (Fig 6 16 b,c) in which at a particular instance the electronic distribution is 
hot symmetrical, l.e. the centres of positive and negative charges do not coincide. 
The instantaneous unsymmetrical distribution of electrons in the atom will set up a 
dipole. This dipole induces a dipole in neighbouring atoms and a force of attraction 
results. This force is usually called van der Waals' force (in honour of the Dutch 
chemist J.H. van der Waals who first studied their nature). Van der Waals’ forces 
are responsible for the condensation of inert elements, and gases like hydrogen, 
'nitrogen^ oxygen, methane, etc , which also have no lesidual bonding capacity. In all 
such cases, liquid and solid clusters form only through the van der Waals’ type of 
interaction This interaction is very much weaker than the covalent interaction 
(|responsible for molecule formation. Van der Waals’ solids have molecules as indivi- 
‘i’dual units. Such solids are, therefore, generally known as~molecular solids. * 


(C) 





Fig. IS.16 van der iVaah forces between helium atoms: (a) shows symmetrical dislribution of the two 
electrons; (b) and (c) show two unsymmetrical distribution of the two electrons (in both these 
configurations, heltum atom has a transient dipoie moment responsible for Van der Wools forces) 


Molecular solids are soft, have low melting and boiling points, and high vapour 
pressure These features are due to the weakness of the van der Waals’ forces. 
Molecular solids have very low solubility in solvents like water containing polar 
molecules. - ■ - 

Covalent Solids: In a covalent solid, atoms are connected to one another by 
covalent linkages forming a giant network. The units in these networks can either be 
atoms of the same element or atoms ol different elements with simdaL,electro- 
negativities. Diamond and silicon carbide (SiC) are tvyp exainple s"of cwaf^t solids. 
; In diamond (Fig. ■g*.!?) each c^f^3om:iUinkfidIkia 
I through' the four mtrahedr^y Qxisivt^d, cpyalepl bonds thus form ing a three dimeii- 
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sional network of carbon atoms. Each 
bond IS formed by the overlap of two 
sp^ hybrid orbitals located on neigh- 
boVfirig atoms SIC has the same tliree 
dimensional arrangement as diamond 
with each silicon atom surrounded by 
four'carbon atoms and each carbon 
atom surrounded by four silicon atoms. 
Since covalent bonds are strong and 
directional, solids of this type are very 
hard (diamond is the hardest substance 
known), have high melting and boiling 
points, and resist deformation 



Fig. 6.17 Structure of diamond 


In addition to diamond, the element carbon exists in another aHotropic form 
known as graphite (Fig. 6,18) .The carbon atoms in this form exhibit sp^ hybridi¬ 
sation, The ■t'Kfee"jD^ orbitals being m the same plane, the covalent bonding of each 


carbon atom with three other carbon 
atoms leads to infinite sheets^The sheets 
are'themselves held together by the 
much weaker van der Waals’ fo-rces. It 
is quite easy for one sheetjto. sUd.e.flver 
another. The layer structure of graphite 
thus nicely explains why it is an ex¬ 
cellent lubricant. 

Metals: Over eighty elements in the 
periodic table are metals. With the 
exception of mercury (m.p = 234 K) 
and galliun (m.p. = 302.8 K), metals 
are solids at ordinary temperatures 
and pressures. They are good conduc¬ 
tors of heat and electricity and possess 
a lustrous appearance. Metals are 
ductile (i.e., can be drawn into wires) 
and malleable (i e, can be beaten 
into sheets) Their strength shows 
considerable variation ranging from 
very soft (e.g, alkali metals) to very 
hard (e.g., tungsten). Metals being 



Fig. 6.18 Structure of graphite 
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the backbone of industry and technology, play an important role in modern civili¬ 
sation. It is of great interest to examine the nature of bonding in metals and to 
understand how it explains the characteristic metallic properties. 

It is a simple matter to see that the various bond types discussed so far are not 
applicable to the metallic state. For example, consider lithium. In the solid state, it 
is known that each lithium atom has eight nearest neighbours, The fact that a 
lithium atom has only one valence electron rules out the possibility of 

electron pair covalent bonds with eight neighbours. The presence of only one type of 
atoms (and the consequent absence of electronegativity difference) rules out ionic 
bonding. Then, metals are obviously too strong to be held together by the weak van 
der Waals’ forces. It is clear that we must look for a different model to explain the 
stability of metals. 

^ The most elementary model of a metal visualises it to be a three dimensional 
^ray of positive ions held together by a pool of electrons, commonly known as 
j electron se|!.,,j 3 JU&lection. gas^ The electron sea is formed from the contribution of 
' Valence electrons by each neutral atom. For example, in lithium metal, each atom 
contributes one valence electron to the pool, the residual Li* ion forming a three 
dimensional array or lattice. In magnesium, two valence electrons are contributed by 
each atom, feavihg behind a lattice of Mg** ions. The lowering of energy is due to 
the attractive interaction between the negatively charged electron sea and the 
positively charged lattice. It is important to realise that the electrons in the pool are 
I not localised in any particular'region but are spread over the entire lattice. (This is 
j the reason why the term electron gas is used to describe the bebaviaut of electrons 
in metals.) These (delocalised) electrons are free to move m all directions. Electrons 
, arc the charge carriers in metals .wbcreas^positive^and jusgativeians are tbe charge 
; carriers in ionic liquids which also conduct electricity. Because electrons are much 
lighter than ioits, it is understandable that they have higher mobility. Electrical 
conductivity of metals i.s therefore much higher than electrical conductivity of ionic 
liquids. 

If one end of a metal is heated, the mobile electrons transport excess thermal 
energy from one end to the other. Thermal conductivity is also due to the presence 
\ of delocalised electrons' The shiny appearance of metals is due to the ability of 
mobile electrons to absorb and re-cmit electromagnetic radiation. Unlike a covalent 
||ond, a metallic bond has no directional character. Metals can therefore be readily 
twisted,_dra.wn into wires, or beaten ihtOlSbeetS: '' 

6.6 THE HYDROGEN BOND 

The melting and boiling points (Table 6.2) of the hydrides of the elements of groups 
14, 15, 16 and 17 of the periodic table show an interesting feature. Among the group 
14 hydrides, the melting and boiling points increase as the molecular meiss increases. 
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tabled 2 


Melting and Boiling Points (K) of Some Hydrides 



Oroup 14 



Group IS 



m p. 

b.p 


m.p 

b.p. 

CH^ 

89.0 

ill 5 

NHj 

195.5 

239 6 

SiH< 

88.0 

I6I 2 

PHj 

138 0 

185 0 

GeH4 

108 0 

183 0 

AsH] 

159 0 

218.0 

SnH4 

123,0 

221.0 

SbHj 

184 0 

256.0 



Group 16 



Group 17 



m.p 

b.p 


m.p 

bp 

HjO 

273.0 

373 0 

HF 

180 7 

392.4 

HjS 

190.3 

211.2 

HCl 

161.0 

189.4 

HjSe 

209.0 

231.0 

HBr 

184 5 

206 0 

HiTe 

222.0 

271 0 

HI 

222 2 

237.0 


This is because a heavier molecule usually contains more electrons and van der 
Waals’ attraction increases with the number of electrons. However, hybndes of 15, 
16, and 17 group elements do not show this pattern In each of these groups, the 
first member of the series (NHa, H^O or HF) shows abnormally high melting and 
boiling points. This clearly indicates that in the condensed state of these hybrides, 
some attractive interaction over and above the van der Waals’ attraction must be 
present, This interaction has been traced to the ability of the hydrogen atoms in 
such molecules to form hydrogen bonds. Let us consider the HF molecule to 
understand the nature of the hydrogen bond. 

Fluorine being the most electronegative element, the electron pair in HF belongs 
largely to the fluorine atom. The fluorine atom thus acquires large partial negative 
charge and the hydrogen atom a corresponding positive charge. The positive 
hydrogen attracts the negative end of another HF unit. Such a combination is called 
a hydrogen bond and is shown as a dotted line (...). For example, hydrogen bonding 
in HF is shown as: H ~ F ... H — F. Hydrogen bonding at either ends permits the 
above pair to link with additional HF units. Liquid hydrogen fluoride consists of 
clusters of HF molecules held together by hydrogen bonds. The high boiling point 
of HF, compared to those of the other hydrogen halides, arises from the fact that 
energy is needed to break the hydrogen bonded clusters 

The abnormal melting and boiling points of NH 3 and H 2 O are also due to the 
formation of hydrogen bonds. Nitrogen and oxygen atoms in these molecules do riot 
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pull electrons as strongly as a fluorine 
atom, but they are sufficiently electro¬ 
negative to enable the formation of hydro¬ 
gen bonds 

' Water is the most familiar substance 
which exhibits hydrogen bonding. The 
hydrogen bond here is of the O—H ..,0- 
type. It is so extensively hydrogen bonded 
that in the liquid state there are hardly any 
free H 2 O molecules. Each water molecule 
is generally hydrogen bonded to four other 
water molecules (Fig. 6 19). Ice is a hydro¬ 
gen bonded crystal The three dimensional 
arrangements of biologically important 
porteins and nucleic acids are also essen¬ 
tially determined by the hydrogen bonds 
in them. 



\ 


Fig. 6,t9 Hydrogen bonding between water mole¬ 
cules 


The strength of a hydrogen bond is typically between 3,5 kJ mof' to 8 kJ mol ‘ 
It is thus considerably weaker than the average covalent bond and much stronger 
than the van der Waals’ interaction. 

6,7 RESONANCE 

Consider the molecule O 3 (ozone). Its structure can be written as 


'b 


o 



where each oxygen atom has an octet of electrons. The structure shows the presence 

i f one double bond and one single bond, i.e., O’^ '^0. .Sincg.j lfljihJL£LbcHid 
hortsLt hap sin gle bonds, we would expect the two bond 'eniith s in this molec ule to 
le utfe^uaj., Hov.c\it cxpoiimciis not only >liow ihiit the bond lengths are equal but 
also that the bonds are intermedia ^between single and double bonds. It is obvious 
that for a molecule like O 3 , a ShigfeX^is structure's JnsufTTcient tQ„ account for the 
observed facts. The difficulty is solved \t we realise that an alternating Lewis 
structure can also be written: 
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. O o 

;o; 'Vp' 

In this case, the double and the single bonds are interchanged Since neither of the 
two above Lewis structures of the ozone molecule can individually explain its 
properties, it is assumed that the actual structure is in between the two The 
individual Structures are called resonance structures or canonical forms and the 
molecule is represented as resonance hybrid. 


O 


O 


O 


0 


o 


o 


.o^ 

o 


A doubly headed arrow represents resonance between two canonical forms. 

Resonance structures have no physical reality in the sense that neither of the two 
ozone structures can be prepared in the laboratory. Such structures exist in ima¬ 
gination only. The need for the resonance concept arises because there are "many 
molecules like O 3 , whose behaviour cannot be represented by a single Lewis structure. 
The resonance concept is particularly useful to explain features of unsaturated 
compounds in organic chemistry. 


EXERCISES 


6.1 Deduce the empirical foimulas and draw the Lewis structures for the ionic compounds 
formed by the following pairs of elements, 

Na, O, K, S, Na, P, Mg, Br; Al, F; Ca, O, Li, S 

6.2 Draw the Lewis symbols for the following elements. 

Na, Ca, B, Br, Xe, As, Gc 

6.3 Draw Lewis structures for the following molecules and 10 ns. 

Fi, PH3, H2S, SiCh, CjH,, F2O, Na^ Br' 

6.4 Three elements have the following Lewis symbols 

A- -B* :C- 

(i) Place the elements in the appropiate group of the periodic table. 

(ii) Which elements are likely to form ions? What is the expected charge on the ions? 

(iii) Write the formulas and the Lewis structures of the covalent compounds formed 
between" (a) A and B and (b) A and C. 



196 


CHEMISTRY 


6 5 Identify the atoms in each of the following compounds which do not obey the octet 
rule, 

SOi, SFi, SF4, SF6. OFi, BCh. PCU, 

6.6 Predict the shapes of the following molecules using the valence shell electron pair 
repulsion (VSEPR) theory. 

BeCh, SiCh, AsFj, HaS. HgBra, PHj, GeFj 

6.7 Discuss how the valence bond theory explains the shapes of the following molecules 
BeFa, HiO, NHj, CHi 

6.8 (i) Draw the shapes of the following hybrid orbitals 
sp, sp\ sp^ 

(u) Explain the difference between a a bond and a tt bond. 

6.9 Explain how the valence bond theroy accounts for. 

(i) a carbon-carbon double bond 

(ii) existence of cis-trans isomers 

6.10 The molecule SO: has a dipole moment. Is the molecule linear or bent'^ Explain your 
reasoning. 

6.11 Predict the dipole moment of 

(0 a molecule of the type AXi having a square planar geometry. 

(ii) a molecule of the type AXj having a trigonal bipyramidal geometry. 

(iii) a molecule of the type AXs having an octahedral geometry, 

6.12 You are given the electronic configurations of five neutral atoms—A,B,C,D and E, 
A-ls’2s^2p'3s^ 

B—1s^2sV3s‘ 

C—Is^2s^2p' 

D-ls'2s'2p’ 

E—Is^Zs'Zp" 

Write the empirical formula for the substances containing, 

(i) A and D, (it) B and D, (in) only D, (iv) only E. 

6.13 Rhombic sulphur is a crystalline yellow solid which dissolves in CS: but is insoluble m 
water. It does not conduct electricity It melts at 386K to give a clear straw coloured 
liquid. The liquid also does not conduct electricity Its viscosity is comparable to that 
of water. Which of the following structures would be most likely to explain the 
properties of the solid form and of the liquid form'^ 

(i) an ionic solid of S* and S’ ions 

(ii) a metallic crystal of sulphur atoms 

(iii) a molecular crystal of Ss molecules 

(iv) a network crystal of sulphur atoms 

(v) an ionic liquid of S* and S" ions 

(vi) a molecular liquid of Sg molecules 

(vii) a metallic liquid like mercury 
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6.14 Consider each of the following in the solid state. 

(i) methane (ii) caesium chlonde (iii) germanium (iv) lithium (v) argon (vi) ice 
State which would be an example of. 

(a) a high melting, network solid; 

(b) a non-conducting solid which becomes a good conductor in the molten state; 

(c) a solid with high electncal and thermal conductivity, 

(d) a low melting solid held together by van der Waals’ forces; 

(e) a solid in which hydrogen bonding exists. 



UNIT 7 



Carbon forms more compounds 
than all the other elements put 

together 


OBJECTIVES 


In this Unit we shall learn 

* the basic features of the chemistry of carbon and its compounds like 
oxides, halides and carbides; . 

* the reasons for the multiplicity of organic compounds and the need 
to study organic compounds separately. 

* the lUPAC procedure for naming organic compounds; 

the importance of different classes of organic compounds in everyday 
life. 
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Although carbon ranks seventeenth m the order of abundance in the earth’s 
crust, it forms the largest number of compounds, next only to hydrogen. Carbon 
and Its compounds are widely distributed m nature. Diamond and graphite are the 
two different forms of pure elemental carbon present in nature Charcoal and coke 
are impure forms of carbon. They are obtained by strong heating of wood and coal 
in the absence of air, respectively. In the combined state, carbon is present as 
carbonate in many minerals. In air, carbon dioxide is present in small quantities. 

All living systems contain carbon compounds. Indeed, life as we know today, 
would be impossible without them. Fossil fuels such as lignite, coal and oil which 
are derived from living matter are all rich in carbon compounds 

7.1 ELEMENTAL CARBON 

The phenomenon of existence of different forms of an element is called ALLOTROPY 
Diamond and graphite, the two different forms of naturally occurring elemental 
carbon, are allotropes. Due to their different structures ("Figs. 6.17 and 6.18),they have 
different properties 

In diamond, each carbon atom is linked tetrahedrally to four neighbouring 
carbons in an sp^ hybridised manner This network extends in three dimensions and 
is very rigid. Diamond is therefore a very hard substance In graphite, on the other 
hand, each carbon is attached to three neighbouring ■ carbons to form a sheet of 
hexagons, with sp^ hybridisation Thus, out of the four bonding electrons in carbon, 
only three are used and the fourth is free, enabling graphite to be a conductor. The 
hexagonal sheets of graphite are held together by weak van der Waals’ forces, this 
enables one sheet to slide over another and accounts for the lubricating properties of 
graphite. While diamond is very hard, transparent and a non-conductor of electricity, 
graphite is soft, opaque and a good conductor of electricity. Another form of 
graphite is carbon black. This is not present in nature. It is obtained by burning 
compounds of carbon and hydrogen in a limited supply of air. Diamond is employed 
where hardness is desired, like in drilling bits and abrasives Graphite finds use as a 
lubricant and in dry cells. Carbon black in used to harden rubber for tyre manu¬ 
facture. The less pure forms of the elemental carbon—charcoal and coke, are widely 
used as fuels.Coke is also used as a reducing agent in metallurgy. 

7.2 CARBON COMPOUNDS 

Carbon compounds can be broadly classified into two categories, (a) those containing 
carbon bonded to other atoms like oxygen, halogens, metals and not having carbon- 
carbon bonds, and (b) those compounds having carbon-carbon bonds For historical 
reasons, compounds of type (a) arc generally known as inorganic compounds. 
Compounds of type (b) are called organic compounds. This classification is appli¬ 
cable to most carbon compounefsT"’"’ 



200 


CHI MISTRY 


7.3 INORGANIC COMPOUNDS OF CARBON 

Carbon readily combines with a variety of elements to form binary compounds 
such as oxides, halides and carbides. Carbonates and bicarbonatcs are salts of the 
unstable carbonic acid, HjCOi, which decomposes to carbon dioxide and water. 

7 3.1 Oxides of Carbon 

Carbon when burnt in air or oxygen forms two oxides, carbon monoxide, CO and 
carbon dioxide COj Carbon monoxide is formed, by incomplete combustion of 
carbon or carbon containing fuels. It is present, for example, in automobile exhausts 

C+ ^ O 2 — CO 

It is a colourless, odourless and a poisonous gas. Carbon monoxide reacts with the 
haemoglobin in the red blood cells and destroys their capacity to supply oxygen to 
the body. 

Two important industrial fuels, w.ater gas and producer,gas, contain carbon 
monoxide along with hydrogen and nitrogen, respectively. Water gas is obtained by 
passing steam over hot coke’ 

C+ H 2 O - CO + Hi 
(water gas) 

When air is used instead of steam, producer gas is formed: 

2C + O 2 + 4 N 2 — 2CO + 4 N 2 
(producer gas) 

Carbon monoxide can undergo further combustion forming carbon dioxide and 
libeiating heat. Water gas and producer gas are thus industrially important fuel 
gases Carbon monoxide is also a powerful reducing agent and reduces many metal 
oxides to the corresponding metals. 


2CO+ O 2 — 2 CO 2 + heat 
Fe 203 + 3CO-. 2Fe+ 3 CO 2 

3 I Carbon dioxide is a colourless gas, heavier than air. It is slightly soluble in 
i|water. Unlike carbon monoxide, carbon dioxide is not poisonous but it does not 
I support life in animals and humans, It is obtained by the combustion of carbon and 
I other fossil fuels and is present in the atmosphere in small quantities Some of the 
^physical properties of carbon monoxide and carbon dioxide are given in Table 7.1. 
In the laboratory, carbon dioxide is prepared by the action of acids on carbonates 



JARBON AND ITS COMPOUNDS 


201 


TABLE 7 1 

Some Properties of CO end CO2 


Property 

CO 

CO 2 

mp,(K) 

68 

216 4 (at 5.2 atm) 

b-p (K) 

81 5 

194.5 (sublimes) 

Density (g/L) at 273 K 

1250 

1977 

C—0 Bond length/pm 

112.8 

1163 

AHt/kJ mof 

110.5 

-393 5 


C+O 2 —CO 2 

CaC03 + 2HCW CaClj + H 2 O + CO 2 
Carbon dioxide dissolves in water to give carbonic acid 

CQ2 + H2O —H2CO3 

The solubility of CO. in water increases with pressure Soda water and other aerated 
soli drinks me solutions of carbon dioxide (as well as flavouring and colouring 
agents) in water under pressure. Carbonic acid is a weak dibasic acid and forms two 
sets of salts, the hydrogen carbonates HCO 3 and carbonates CO^’ In aqueous 
solution, both carbonates are alkaline due to hydrolysis. 

CO^itHtO—OH'+ HC 07 
HCO3 + H2O- OH +H2CO3 

Many carbonates like Na2CQ3T 0H2O (washing soda), K2CO3, CaC 03 and NaHCOj 
(baking soda} are corngterciilly inmQrtMSTSwxnic^ and are-widely-usedin industry. 
The manufacture and uses of some of the carbonates are discussed in Unit 14. 

Solid carbon dioxide op.dry ice Js^ obtained by cooling under -PT^s«rfi»J,t 
passes from the solid state straight' to the gaspous state without liquefying (hence dry 
ice) and is used as a coolant for preserving perishables in the food industry. 

While carbonates of many metals are known, only the bicarbonates of the alkali 
metals exis,t in the solid state. Bicarbonates of calcium and magnesium are responsi¬ 
ble for temporary hardness of water. 

7.3.2 Halides 

All the four possible tetrahalides of carbon are known (C^, CCI4, CBr 4 and Cl 4) In 
addition, mixed halides like CFCI3, CF2CI2 and CCUBr^ are also "knowTif. The halides. 
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especially those containing both flourine and chlorine are chemically inert non¬ 
flammable gases or liquids. Some of these compounds find wide use in industry. 
Thus, carbon tetrachloride is a common solvent and CFzCU is used as a refrigerant. 


7.3.3 Carbides 

Carbon combines with more electropositive elements than itself when heated to high 
temperatures to form carbides. Some typical examples are silicon carbide (SiC, also 
known as cmborundum), tungsten carbide (WC) and calcium carbide CCaCi), Silicon 
and tungsten carbides are extremely hard materials which find use as abrasives and 
in cutting and drilling tools. Calcium carbide is the chief source of acetylene gas 
(C 2 H 2 ) used for welding. 

CaC 2 + 2 H 2 O - C 2 H 2 + Ca(OH) 2 


In the early years of chemistry, compounds were classified into two types. Com- 
[lounds derived form non-living matter like minerals and rocks were ‘inorganic 
compounds’ and those obtained from plant and animal sources were ‘organic com¬ 
pounds’. The mistaken notion that a ‘vital force’ present in living systems was 
essential for the.synthesis of organic compounds led to the belief that they could not 
be synthesised in the laboratory. The rapid development of chemistry in the early 
years of the nineteenth century however changed the picture. In 1828, Wohler 
synthesised the hitherto known organic compound urea (present in urine) from the 
inorganic compound ammonium cyanate. 

NH^'CNO NH 2 CONH 2 

Lavoisier showed by qualitative and quantitative analysis (see Unit 18) of numerous 
organic compounds that they were made up of relatively few elements and that they 
all contained carbon. The pioneering work of chemists like Kolbe, Kekule and 
Bertholet established organic chemistry as the chemistry of carbon compounds, 
generally containing carbon-carbon bonds. Organic compounds usually contain 
hydrogen and also oxygen, nitrogen, sulphur, phosphorus and the halogens. 

More than five million organic compounds are known. They comprise about 
90% of all known compounds. Therefore, before we begin to study organic chemi¬ 
stry, we should understand the reason why so many organic compounds are known. 
As mentioned in the prc ious paragraph, organic compounds have carbon-carbon 
bonds. No other element forms bonds with itself so easily. This phenomenon of an 
|atom bonding to itself is known aa catenation . Car ^n-carbon bonds are stro ng 
I compared to carbon-hydrogen or carbon-oxygen b'dnds. The silicon-silicon bondT^ 
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however, is much weaker than the silicon-oxygen bond, accounting for the abundance 
of silicon-oxygen bonds (silica and silicates) in nature 

A second reason for the abundance of organic compounds is the phenomenon of 
/ jtsoMERlSM. T^fiompoiinds axe said to be isomers if they have the same molecular 
I iformuia,^ but different arrangement of atoms. For example, there are two com- 
' pounds with the formula C4H10. Compounds A is known as n-butane and compound 
B as 2-methylpropane They differ in the way the carbon atoms are bonded and 
have different properties. For example, A boils at 272 K and B at 261 K A detailed 
discussion on isomerism is given later m this book 

CHj - CHa - CHi - CH3 CH, - CH - CH3 

1 

CH3 

A B 

Generally, organic compounds are studied separately from inorganic compounds. 
First, and probably the most important reason for doing this, is the existence of a 
very large number of organic compounds. A second factor is that while most 
reactions in inorganic chemistry are ionic and occur quite rapidly, most organic 
reactions involve covalent bonds and are relatively slow. Although the number of 
known organic compounds is large, the types of reactions they undergo are easy to 
systematise and understand. Based on functional groups, organic compounds can be 
classified into families. (For the definition of functional groups, see Sec. 7.5 2). The 
chemistry of two compounds having the same functional group is usually very 
similar. This simplifies the study of organic chemitry. 

Organic compounds play an important part in our daily lives. All living systems 
obtain their energy from organic compounds like carbohydrates (sugars) and fats 
and grow using amino acids and proteins (again organic). They transmit genetic 
information from one generation to the next via nucleic acids (also organic) The 
clothes we wear, be they of natural fibres like cotton, wool or silk or synthetic 
material like polyester are organic compounds l^ost of the drugs arid'pharma¬ 
ceuticals are also organic compounds. In,agricultureloOjtoTganicrcK'eniistry'il weir' 
represented. Fertilizers like urea, pesticides like DDT, malathion and gammaxene, 
and pfant growth regulators are all organic chemicals. Among our various energy 
sources, fossil fuels like coal, lignite, petroleum and natural gas are of organic 
origin. Many commonly used polymers (natur al and, svn]toic.-^ik& Avood, rubber, 
paper and plastics are again organic compounds. 

7.5 NOMENCLATURE OF ORGANIC COMPOUNDS 

Organic chemistry deals with millions of compounds. In order to clearly identify 
them, a systematic method of naming them has been developed and is known as the 
IUJ>AC (International Union of Pure and Applied Chemistry) Nomenclature All the 
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names used in this book follow the lUPAC system. However, the more common 
names are still widely used by chemists and these are given in parenthesis. 

7.5.1 Hydrocarbons 

Compounds containing carbon and hydrogen only are called hydrocarbons. A hydro¬ 
carbon is termed saturated if it contains only carbon-carbon single bands'. The 
systematic lUPAC name lor ‘•ucli a compound ;s an alkane. Paraffin (Latin; little 
affinity) was the earlier name given to these compounds. Unsaturated hydrocarbons 
are those which contain at least one carbon-carbon double or triple bond. Alkenes, 
alkynes and arenes are all unsaturated hydrocarbons. Hydrocarbons are classified 
into three types depending on their structure (arrangement of carbon atoms). 

1. Straight chain compounds 

2. Branched chain compounds 

3. Cyclic compounds 

, IH. ' " 

Nomenclature of alkanes: Straight chain compounds; As the name itself implies, 
these compounds are made up of straight chains of carbon atoms. The names of 
such compounds are made up of straight chains of carbon atoms. The names of 
such compounds end with ‘ane’ and carry a prefix indicating the number of carbon 
atom present (except from CH-t to C4H10, where the prefixes are derived from older, 
trivial names) A list of names of alkanes containing carbons 1-10 is given below; 


1. 

CHi 

methane 

6. 

CsHh 

hexane 

2. 

C2H6 

ethane 

7. 

CiHi* 

heptane 

3. 

C3H8 

propane 

8. 

CgHis 

octane 

4. 

C4H10 

butane 

9. 

C,H 20 

nonane 

5. 

CjHu 

pentane 

10. 

C10H22 

decane 


The general molecular formula for an alkane can thus be written as CnHjn+ 2 . It is 
seen that each compound in the above list can be obtained from the previous 
compound by adding a CH 2 unit A series of compounds differing by a CHzunit is 
called a HOMOLOGOUS SERIES and its members display a gradation in physical 
properties and sirpilarity in chemical properties, 

A compound can be represented by its molecular formula, structural formula 
and graphic or displayed formula. Thus in the case of propane, we have the 
following. H H H 

I I I 

CjHs cn3- CHz - CHj H- C - C - C - H 

III 
H H H 

Molecular formula Structural formula Graphic formula 
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Structural formula is the one used most often. 

Branched Cham Compounds: In branched chain compounds, all the carbon atoms 
are not present in a linear sequence. Some of them are attached to the chain at one 
or more points, like, for example, in the compound given below. 

CH3- CH - CHa - CHa - CHa - CH - CHa - CHa- CH3 
I ( 

CHj CHa - CHa 

While these compounds are still alkanes with the general molecular formuL CnHan+a, 
the presence of branching prevents direct naming of them. To overcome this" 
difficulty, groups of atoms called alkyl groups are used. An alkyl group is obtained 
from a straight chain hydrocarbon by removing a hydrogen atom from a carbon. The 
position of the hydrogen atom removed is indicated by giving it the lowest possible 
number from the chain terminus. Thus, CH4 becomes CH3- and is called methyl 
group. An alkyl group is named by substituting ‘yl’ for ‘ane’ in the corresponding 
straight chain alkane. Some examples are listed below. 


Hydrocarbon Alkyl group 


Molecular 

formula 

Name 

Molecular formula 

Name 

CH4 

methane 

CH3- 

methyl 

C2H6 

ethane 

CH3CH2- 

ethyl 

C4H10 

butane 

CH3CH2CH2CH2- 

1-butyl 

C10H22 

decane 

CH 3 (CH 2 ) 8 CH 2 - 

1-decyl 



CH 3 (CH 2 ) 3 CHCH 2 CH 2 CH 3 

4-decyl and not 
6-decyl 


A branched chain alkane is named using the following sequence. 

1. First, the longest straight carbon chain present in the molecule is identified. In 
the example given earlier, the longest chain has nine carbons. 

1 23456789 123456 

C—C—C—C—C—C—C—C—C c—C—C—C—C—C—C—C—c 

II II 

C c—c c c-c 

7 8 

2, The carbon atoms on this chain are numbered to identify the position of the 
alkyl group in the branch (or side chain) The numbering is done in such a way 
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that the substituted carbon atoms have the lowest possible numbers. Thus, the 
numbering in the illustrated example should be from left to right (substituted 
carbon atoms 2 and 6) and not from right to left (substituted carbon atoms 4 
and 8). 

123456789 987654321 

C—C—C—C—C—C—C—C—C c—C—C—C~C—C—C—C—c 

II 11 

c c—c c C—c 

3. The substituent alkyl groups are then prefixed to the name of the parent 
alkane, the position of the substituents being indicated by the appropriate 
numbers. If different alkyl groups are present, they are listed in alphabetical 
order. The full name for the example given above is 6-ethyh2-methylnonane Note 
that the numbers are separated from the groups by hyphens and that there is 
no break between methyl and nonane, 

4. If two or more identical groups are present as in the examples shown below, 
then the numbers are separated by commas. 


CHa — CH — CHj - CH - CHj 

I 1 

CHa CHa 

2,4-dimethylpentane 


CHa 

I 

CHa — C — CHz — CH — CHa 

I I 

CHa CHa 


2.2,4-trimethylpentane 


Cyclic Compounds: A cyclic compound is named by prefixing ‘cyclo’ to the corres¬ 
ponding straight chain alkane, If side chains are present, then the rules given in the 
previous section are applied. Thus, for example, the structures shown below are 
cyclopentane and l-methyl-3-propylcyclohexane, respectively. 

CHa 

1 


CHa CHa CHa 

cyclopentane l-methyl-3-propylcyclohexane 
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7,5.2 Functional Groups 

The nomenclature of organic compounds is considerably simplified by what are 
called functional groups. A functional group is an atom or group of atoms bonded 
together in a unique fashion and having characteristic chemical properties Thus, for 
■example, an alcohol functional group is represented by —0—H and a carboxylic 
acid by —C—0—H All compounds having the same functional group will undergo 

0 

similar reactions Illustratively, the alcohols CH 3 OH, CH 3 CH 2 OH and 
CH3 — CH— CH3 all liberate hydrogen on reaction with sodium metal 
1 

OH 

2R—OH + 2Na-► 2RONa + H 2 

where R = CH3 - or CH3CH2 - or CH3 - CH-CH3 


/ 


This similarity in chemical behaviour is due to the fact that carbon-carbon single 
bonds and carbon-hydrogen bonds are quite strong and do not break .easily, whereas 
an —0—H bond is weaker and hence more reactive Any molelcule having the same 
functional group will behave in a similar way, no matter what the rest of the 
molecule may be Exceptions are known, of course, if the moelcule is very large or 
has two more functional groups close to one another The presence of functional 
groups enables the systematisation of organic compounds into different classes 
Therefore, before naming an organic compound, it is necessary to first name the 
different classes of functional groups Table 7 2 lists some of the more Important 
functional groups 


Naming an Organic Compound' The systematic name of an organic compound can 
be easily obtained using the above Table7.2 To do this,the folowing sequential 
procedure is adopted. 

Step 1 The functional group present is identified This enables the appropriate 
suffix or prefix to be chosen 

Step 2 The longest chain containing the functional group is identified, fixing the 
name of the corresponding saturated hydrocarbon. 

Step 3 Following the principle of assigning the lowest possible number to the 
functional group, the chain is numbered. 

Step 4. The name is then arrived at 
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table 7.2 


Some Imporlent Functional Groups 


Class of 
Compounds 
(functional group) 

Structure of the 
functional group 

WPAC 
sufrtx(s)* 
or preflx(p) 

Example 

Alkane 

_ 

—anc{s) 

Butane CHjCHjCHjCHi 

Alkene 

C=C 

—enc(s) 

1—Butene CH3 =CHCHzCH3 

Alkyne 

CSC 

—ync(s) 

LButyne CH=CCHiCHj 

i 1> 

Arene 

-- 

— 

Benzenes; jL 

C. 


H 


Alcohol 

—OH 

ol(s) 

2-Butanol CHjCHCHjCHs 

1 


1 1 


OH 

Ether 

—C-0—c— 

1 1 

— 

Ethoxyethane CHjCHsOCHiCHj 
or Diethyl ether 

Aldehyde 

-c=o 

1 

—al(s) 

l_Butanal CHjCHiCHjCHO 

Ketone 

H 

-c=o 

1 

—one (s) 

2-Butanone CHjCCHjCHi 

II 

Halide 

-X 

Halogeno(p) 

0 

1—Bromobutane CHi(CH 2 ))Br 


(X=F,Cl.Br.l) 

or—yl halidefsi 

or n—Butyl bromide 

Nilro 

—NOi ^ 

Nitro—(p) 

1-Nitrobutane CHj(CH2)jN02 

Amine 

—NHi,—NH,~N— 

Amino—(p) 

2—Aminobutane CHiCHCHiCHj 


1 

or —aminc(s) 

or2 — Butaneamine 

Carboxylic acid 

—C—OH 

II 

—oic acid(s) 

Butanoic acid CHjCHiCHiCOOH 

Carboxylatc ion 

0 

—c—o 

—oate(s) 

Sodium CHsCHiCHiCOO'Na'^ 


11 

0 


butanoate 

Acid anhydride 

—c—o—c— 

II II 

0 o 

—oic anhydride(s) 

Butanoic CHi CH 2 CH 2 C^=0 



anhydride 0 

/ 




CH2CH2CH2C=0 

Amide 

—C—NHj.— c—NHR,- 

—CNRi —amidefs) 

Butanamlde CH 2 CH 2 CH 2 CNH 2 


II II 

II 

11 


0 0 

0 

0 

Acyl halide 

c—X 

—oyl haUde(s) 

Butanoyl CH 1 CH 2 CH 2 CCI 

II 


chloride II 


o 


0 


* The suffix or prefix is attached to the corresponding parent saturated hydrocarbon. 
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Some typical examples are illustrated below. 
Example 7 1 


I 2 3 4 5 6 7 8 

CH3-CH2—CH—CHi—CH2-CH-CH2 CH3 

OH CH3 

Solution 

1. .The functional group present is an alcohol Hence the suffix is-ol. 

2. The longest chain containing —OH has eight carbons. Therefore the corres¬ 
ponding saturated hydrocarbon is octane. 

3. The —OH is on carbon 3. In addition, a methyl group is attathed to carbon 6. 

4. The systematic name is therefore 6-methyl-3- octanol. 

Example 7 2 


6 5 4 3 2 1 

CH3 CHi CH2 CH = CHCOOH 

Solution 

1. Here two functional groups are present, namely, an alkene and a carboxylic 
acid. The suffix should therefore indicate both. This is done by combining 
-ene and-oic acid into-enoic acid. 

2. The parent hydrocarbon is hexane as six carbons are in the chain. 

3. The double bond is present in the 2-position. 

4 The complete name is 2-hexenoic acid. 

Deriving the Structure from the Name: In a similar manner, for a given systematic 
name, the corresponding structure can be 4 rawn as shown in the following examples. 

Example 7 3 

Solution 5-Chloro-2-pentanone. 

1. A five carbon chain is present as indicated by penta. 

C — C — C — c_c 

2- The functional groups present are a ketone at the second carbon and a 
chlorine at the fifth carbon. 

c —c —c —C —C —Cl 

II 

o 

3. Filling in the hydrogens, we get 

CH3 — C — CH2 — CH2 — CH2 — Cl 

II 


O 
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Example 7.4 

„ . 3-Nitrocyclohexene 

Solution 

1. A six-membered ring is present as indicated by cyclohexene Further, the 
ending -ene denotes the presence of a double bond. 


2 
3 

The numbering is as shown above. 

2. The prefix 3'nitro means that a nitro group is present on the third carbon. 

3. The complete structural formula is 




NOz 


7.6 SOME COMMON ORGANIC COMPOUNDS 

In this section some common organic compounds are mentioned along with their 
principal uses. Illustrative examples have been chosen from the different functional 
groups listed in Table 7.2. The details of the chemistry of these compounds will be 
discussed in later Units 

ii^lkgms Petroleum and natural gas are largely mix^u^es of different alkanes. On 
refining, they give liquefied petroleum gas (LPG), petrol,' kerosene, diesel, furnace 
oil and wax, in the order of increasing carbon content The uses of these ,compounds 
are well known. 

Alkenes: The lower alkenes (C2 to C 4 or C5) are obtained as products of petroleum 
rffinmg!''Alkenes are primarily used to prepare different polymers like polyethylene 
(from ethehe), polypropylene (from piopene), synthetic rubber (from l,3-~“butadiene) 
and also other compounds like alcohols, aldehydes and ketones on a large scale. 
Alkynes: The most important alkyne is ethyne (acetylene) which is used for welding 
purposes 
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Arenes. Arenes are also known as aromatics. Simple arenes like benzene, toluene 
and xylene are used to manufaeture synthetic detergents, synthetic fibres and explo¬ 
sives (e.g. TNT) Naphthalene is a constituent of mothballs and many compounds 
obtained from naphthalene and anthracene are used to prepare artificial dyes for 
textiles. The chief sources of arenes are petroleum and coal 

Alcohols Methanol and ethanol are the two most important alcohols. While 
methanol is largely manufactured from petroleum feedstock, ethanol is obtained 
from ethene or by fermentation of sugar and starch. Both have many uses in 
industry and ethanol has been suggested as a fuel from a renewable resource like 
sugarcane Compounds denved fr om 2—ethylhexanol are used as softener^ in 
plastics. 1,2-ethanedioI (ethylene glycol) is a raw material for dacron (synthetic 
fibre) manufacture and 1,2,3-propanetnol (glycerol) is used in confectionery and 
cosmetics 


Aldehydes and Ketones: Methanal (formaldehyde) and ethanal (acetaldehyde) are 
important raw materials, used widely in the plastic industry. In addition, methanal is 
a good disinfectant and preservative (formalin) Propanoneiacetone l and 2-butanonc 
(methyl ethyl ketone or MEK) are important laboratory and industrial solvents and 
cyclohexanone is an intermediate in the manufacture of nylon 
Halides' Chlorinated compoundsTrf'methahe', ethane'and'ethene are all widely used 
solvents like dichloromethane, tricholoromethane (chloroform), tetrachloromethane 
(carbon tetrachloride), 1,2-dichloroethane, trichloroethene and tetrachloroethene 
1 ,2-dibromoethane is used as a fumigant against insects in food storage god owns 
The well known insecticide DDT contains chlorine l-bromo-l-cliloro-2,2,2-trifluo- 
roethane is a commonly used anaesthetic Freon or dichlorodifluoromethane is 
employed in refrigeration and cooling systems 

Acidsh The simple acids like methanoic acid (formic acid) and ethanoic acid (acetic 
-tu'id) ilic piJ'VIl III illl.>i illul '.''C-ill, IC^p.NT '.Jl'. 1 ’'lilIiOv.' ,.^nl ') II',, ,”■'(1 

iiAOi’ p.iMics il'Ki mil'll" Sod I ill :i"v! poi!i'.'.ii"i '.I'l" o i oi .nio ,■ n ■ l■e’'ll 
ii',\ .iiMic'( ,■ Min' o: i.'iIJ'"' 111. i( .| iii.nK .'ll.'I "nii"' \ ee.‘i.'|iL‘l^l■’^.nJ v' ' 


and vanaspati are also derived from such long chain acids 

"iVj'tro Compounds Nitromethane, nitroethane and nitrobenzene are useful industrial 
solvents Many nitro compounds like nitroglycerol, nitrocellulose and trinitrotoluene 
(TNT) are used as explosives 

AmineSi Compounds containing both amine and carboxylic acid functional groups 
are called amino acids Many amino acids arc .constituents of pioteins Which are the 
basic building blocks of living things Amines are also used to manufacture nylon 
Aromatic amines are important intermediates in the dyestuff industry 
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7.1 What is allotropy? Name some elements which exhibit allotropy. 

7.2 Explain the differences in the properties of diamond and graphite based upon their 
structures. 

7.3 Give equations for the foilowing; 

(i) Preparation of carbon dioxide 

(ii) Basic properties of sodium carbonate solution 
(lii) Formation of acetylene. 

7.4 What IS dry ice? Why is it so called? 

7 5 What are isomers? 

7.6 What is a functional group? 

7.7 Name the different types of hydrocarbons. 

7.8 In what way does an alkane differ from the other hydrocarbons? 

7 9 Give systematic lUPAC names for the following compounds. 


(i) CHsCHCHiCHiCHCHj CHj 


CHj CH, 

(ii) CHa 






,CH 






'CH 


CHj — CHj 

CHj 


Cl 

I 

(iii) CHjCHjCCHjCHjCHj 

I 

Br 


(iv) CHjCHjCHCHi CHO 
CHj 


(V) 


ICHiCHiCHjCOi H 



CARBON AND ITS COMPOUNDS 


213 


o 

II 

(vi) CH 3 CH CCH 2 CHj CH 2 Cl 

I 

CHj 

7.10 Draw the structures of the following compounds 

( 1 ) 3-Hexenoic acid 

(ii) 2-Chloro-2-methylbutanol 

(iii) 5,5-DiethyW-nonanol 

(iv) 1 -Bromo-3-C'hlorocyclohexene 

(v) 4-Nitro-l-pentyne 

(vi) 1,3-Diaminopropane 

7 11 Draw the structure of the functional group corresponding to. 

(a) Aldehyde 

(b) Nitro 

(c) Carboxylic acid 

(d) Ether 





UNIT 8 


ENERGETICS 


Heat and cold are Nature's two 
hands with which she cheerfully 

works 


OBJECTIVES 

In thi$ Unit, we shall learn 

the nature of energy changes in chemical reactions; 

* the distinction between exothermic and endothermic reactions; 

* to express energy changes In terms of the enthalpy concept, 

* to calculate bond energy with the help of enthalpy changes; 

* the different sources of energy and their importance in daily life; 

* to predict the directions of a reaction using the entropy and the free 

. energy concepts. " 
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Fig. 8.3 («) 

h^S»>S%°s%<^Vo 


Fig. 8.3(b) 


Every chemical reaction involves rearrange- IFiaaF- Eoooo 

ment of atoms In the earlier Unit we have learnt lllll SSoSo 

to keep account of the changes in terms of masses ISoSt . oSSoS 

of products formed from reactants. In this Unit we iim gooSoj 

shall pay attention to the energy changes that must laaaafl- ^p oo q 

accompany any chemical change since chemical Fig. 8.3 («) 

bonds are broken and reformed. In our chemical |« « •oa«o* o • 

arithmetic we shall account for energy changes Vo*°*°* 

also. 

0®0®®8®q®^ 00® 0 

We will now define some basic terms which ® Stfft ^ 

are used in the discussion of energetics • 

A SYSTEM IS defined that part_nf the Univers e Fig. 8.3 (b) _ 

which IS u nder investigation while every thmeelse is 
d efined as making up the . .SlT RRAl.l.N.nLlMGS_For 
example, if we are interested in investigating a j|||S 

reaction, then the reaction mixture (i.e., reactants loo^gl _|* 

and products) is our system and all the rest (i.e., ~ 

the reaction vessel, the outside room, etc) are the * 

surroundings. _ 

(.> 

Every system has a definite amount of energy. A system can lose energy to the 
surroundings, or gain energy from the surroundings, in a variety of ways. For 
example, if a system is at a higher temperature, then energy is lost to the sur¬ 
roundings causing a fall in the temperature of the system and a rise in the tempera¬ 
ture of the surroundings. The energy transfer goes on until the system and the 
surroundings attain the SAME temperature Th s energy exchanged between a system 
and the surroundings when their temReartures are different is c.ommonly known as 
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surroundings, i.c., if the system is isolated*. If the system is not isolated, energy can 
bTtransffcrrcd in or out of the system. The energy transfer because of the difference 
in temgwature is referred to as heat that due to difference in pressure is one 
type of workj 

8.1 ENERGY CHANGES DURING A CHEMICAL REACTION 

The most common sources of energy are the fuels: kerosene, coal, charcoal and 
wood. The molecules present in these substances react with the oxygen in air to 
provide heat, light and very often smoke and this reaction is termed as ‘combustion’. 
Combustion is an example of a chemical reaction from which we derive energy for 
our benefit. Fuels provide the energy for all activities of life Other examples which 
can be only tested are as follows; 

a) You must also have observed that specially roasted marbles or sea-shells (called 
quick lime, or ebuas in Hindi) are mixed with water to prepare whitewash. When 
some water is added on a pile of quicklime a considerable amount of heat is 
generated. 

b) In a test tube containing granulated zinc, when you add a few cm^ of dilute 
hydrochloric acid and feel the test tube, you will find that a gas evolves (what gas?) 
and a chemical reaction takes place. 

c) When you light a matchstick by rubbing it on the side of a match-box, a 
chemical reaction takes place. Light, heat and fumes emerge, 

In all the cases we have considered until now a chemical reaction leads to energy 
being released to the surroundings. Can we have a situation when chemical reactions 
result in the absorption of energy from the surroundings? 

d) In a test tube containing 10 cm’ of water, add Ig of solid ammonium chloride 
and stir. You will find a decrease in the temperature of the water when the salt is 
dissolved 

e) A similar experiment when repeated with Ig of solid sodium thiosulphate, 

is Hind 1'^ l‘‘Bd ’■-de crease in te mperature. " ■— -~ 

f) When hydrated barium hydroxide powder (say, Ig ) is mixed with ammonium 
chloride (say, O.lg), in a water glass a reaction takes place and the temperature of 
the system falls rapidly. 

Ba(OH)r 8HiO(s) -|- 2 NH 4 CI (s)-- BaCb ZHiO (s) + 2 NH 3 (aq) + 8 HiO © 

In certain reactions, energy-is released leading to an increase in temperature; in 
certain other cases, energy is abosrbed leading to a fall in temperature. It is not 


* A cup of coffee in a thermos flask is a simple example of an Isolated system The hot coffee stays hot 
because the sytem is unable to lose energy to the surroundings The same cup of coffee outside the 
flask cools down to the room temperature because heat (i,e, energy) flows from the coffee to the 
surroundings due to difference in temperatures. 
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surprising that eifergy changes accompanj' a chemical 
reaction, since dunng a chemical reaction bonds bet¬ 
wee n atoms in fEe reactant molecules are rearranged to 
fSmTpr oduct molecul es. Energy is needed to break 
chemical ~Fonds and enerev r/>1i>nse^ nro 

f orfnedT^m cc the bond energy varies from one bond to 
another, there is bound to be an energy change when 
products are formed from reactants. 

The energy change that accompanies a chemical 
reaction need not necessarily be expressed in the form of 
evolution or absorption of heat. Energy can be released 
or absorbed in other forms such as light, electricity, 
mechanical energy (e.g., sound). Electrical energy obtain¬ 
ed from chemical reactions in batteries runs your tran¬ 
sistor radio, torch or watch. Heavy duty batteries start 
your car, lorry, bus or tractor. In electrolysis of acidified 
water, energy in the form of electricity is absorbed to 
split water into its elements, hydrogen and oxygen (Unit 
10). Diwali crackers give out energy in the form of light and mechanical energy 
(sound is produced and the explosion leads to small parts of the crackers flying off 
with a large amount of kinetic energy). In the ‘pop’ test for hydrogen, sound energy 
is released. In cars, trucks, tractors and buses, heat energy accompanying the 
reaction of petrol or diesel with oxygen from the air, is converted to mechanical 
energy (kinetic energy of the moving object). 

One of the most import ant reactions th at occurs in nature, and on which 
sustenance of life depends, is /^otosy nthesi^ In this process, green plants convert 
carbon dioxide and water into starcR ana oxygen. Energy has to be supplied for this 
chemical change and it is provided by the energyjof su plightr- 



8.2 INTERNAL ENERGY AND ENTHALPY 


8.2.1 Internal Energy 

A fixed quantity of any substance, under a given set of conditions, has got a definite 
amount of energy asiSboiated Wlth it." This amount is different for different substances. 
The energy stored in a compound is called its internal energy and it is denoted by 
the symbol E. When a chemical reaction occurs, the internal energy of the system 
before the reaction is generally different from the internal energy after the reaction. 
This is because the internal energy of the reactants is almost always different from 
that of the products. If a reaction is carried out in such a manner that there is no 
change in temperature and the system does not do any work nor has work done on 
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it then, the internal energy change (AE) of the reaction is equal to the energy 
exchanged with the surroundings (here ’A’ is pronounced as delta and stands for ‘d’ 
in Greek indicating difference). This is a consequence of the law of conservation of 
energy which we discuss later. In usual practice, the energy exchange can be 
measured in the form of heat exchanged with the surroundings and the work can be 
^a^sociated with a change of volume against pressure. The change in internal energy 
'^AE) in a chemical reaction is therefore obtained by carrying out the reactions at 
ponstant temperature and constant volume and measuring the heat exchanged with 
the surroundings. Since the volume is constant, there is no work done. All the 
energy exchanged with surroundings has to arise from changes in internal energy. 

8.2.2 Enthalpy and Enthalpy changes 

It is more convenient to carry out reactions in the laboratory in open containers 
(open beaker, test tubes, etc.). A system open to the atmosphere is obviously at 
atmospheric pressure. When a chemical reaction takes place in contact with the 
atmosphere, the volume may change but the pressure continues to be equal to the 
atmospheric pressure. Since atmospheric pressure is practically constant, chemical 
changes in open containers can be considered as taking place at cosntant pressure 
but not at constant volume. 

The amount of heat exchanged with the surroundings for a reaction at constant 
pressure and temperature differs from that exchanged at constant volume and 
temperature. The reason is easy to understand. At constant pressure, the volume of 
the reacting system usually changes. If the volume increases, the system has to 
expand against the atmospheric pressure and energy in needed for this task. The 
amount of heat exchanged at constant pressure would therefore be less than the 
amount exchanged at constant volume. This is because, a part of the energy has 
been utilised for the jfxpansion of the system. If however, the systbrn^contracts at 
constant pressure work is done on the system. The amount of heat ekchanged at 
constant pressure in this case is therefore greater than that exchanged at constant 
volume. 

These considerations show that energy changes in a reaction at constant pressure 
and temperature are not due to changes in the internal energy alpne but they also 
include energy contribution due to expansion or j o ntr ac iion aeainst the atmosphere. 
To handle this situation, another property calledjE m-HAi py*1 denoted by the symbol 

* Instead of enthalpy many chemists prefer lo use the term heal conientl Enthalpy changes in various 
processes, like combustion, fusion and neutralisation arc thus also called heat of combustion, heat of 
fusion and heat of neutralisation respectively. 

Enthalpy of an element or a compound, depends upon the temperatur e and preMiire . If we wish to 
compare AH values, the conditions unaSI' Which they have beta iiieuiiuiej must be idmitical . On normal 
course, while indicating enthalpy changes we take the STANDARD STATE of a substance. The standard 
state of substance is the state in which the substance is stable at 1 atm pressure and 298K In this book, the 
data used for enthalpy changes (AH) are given in the standard state. 
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H is associated with every substance . The energy rViangP , 
j.at co nstant pressure and temperature is called the 
» e ntli'alpv change (de noted bv the symbol AHh it is equal 
: to the a mount of heat exchanged with the surroundinps 
at eaitSt anT pressu re and constant temperature. (In 
normaTpractice, we insulate the system from its sur¬ 
roundings and allow the heat of reaction to change the 
temperature of the system. We then calculate how much 
heat would have to be put into or taken from the system 
to bring it back to its initial temperature. This amount 
of heat is the enthalpy change.) 




In dealing with energy changes, it is important to 
remember t hat energy mav change from one form to 
anotherjjut t he total energy of sy stem and its surjound- 
ings remains constant. Thi s guiding principle which is 
known as the- tixw OF conservation of enero^ can 
also be stated in another way According to this law, 

energy is nether crsaied nor destroyed. This holds in chemical reaction as well. 
Energy may be absorbed or released in chemical reaction, but the total energy of the 
reacting system and its surroundings remains constant. 


0000 0 
0 000 0 
o oooo 
000 o o 

O O 0 O 0 


A chemical reaction involves reactant(s) and product(s). A given set of reactants 
has a definite total enthalpy, Hreacunu. The corresponding set of products also has a 
definite total enthalpy, Hproducts. The difference between these enthalpies, AH, is 
HEAT OF REACTION. 


/ 


AH = H 


products 


-H 


reactants 




! When total enthalpy of the products, Hproduct. is greater than the total enthalpy of 
he reactants, H,„cunts, AH is positive and heat is absorbed in the reaction the 
C &ction will be ENDOTHERMIC Combination of H2 with h to give HI is an 
endothermic reaction (Fig. 8 la) 




Fig. 8.1 Encftofpy changes m endotherrnic and exothermic reaction' 

0 ' 
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H2(g) + I 2 (g) - 2HI (g); AH = 52,2 kJ 

Here, 52 2 kJ of heat are absorbed for every mol of H 2 and h used up and for every 
2 mol of HI produced in the reaction, at constant pressure 

When t(jtaI-#fttl¥alpv~a Lthe products is le ss, than Ihat ^f the reactant?,,. AH is 
ilfigative and he^is evolved^The reaction will be KXO THFRMJ£L,_ £embination of 
methane with oxygen is an exothermic process (Fig 8.1b) 

CH^ (g) + 202 (g) —CO 2 (g) + 2 H 2 O (1);AH = - - 890 4 kJ 

Here 890.4 kJ of heat is evolved for every mol of methane gas burnt. 

Let us take a few more such reactions. 

C4H,o (g) + y O 2 (g) — 4 CO 2 (g) + 5 H 2 O (1); AH = -2876 kJ 
Sn02(s) + 2C(s) — Sn(s) + 2CO (g); AH = + 360 kJ 
HVq) + OH' (aq) -■ H 2 O (1); AH = - 57 I kJ 

AH refers to the chemical equation written along with it, unless otherwise specified 
In writing a thermochemical equation, 

C 4 H 10 (g) + -^02 (g) _ 4 CO 2 (g) + 5 H 2 O (g) + 2658 kJ 

We do not state the conditions under which the energy is released. Therefon 
chemists prefer to write the above equation as 

C4Hio(g) + ^02 (g) — 4 C02(g) + 5H20(g); AHz^s = - 2658 kJ 

indicating that the energy is released in the form of heat at constant temperature 
(298 K) and constant pressure (1 atmosphere). (One can also write the thermo¬ 
chemical equation without indicating AH separately and we have followed this 
method for the sake of simplicity and convenienpe in some of the equations and in 
the exercises 

8.2.3 Origin of Enthalpy Change in a Reaction 

Since in a chemical reaction bonds are broken and reformed, we should be able to 
associate the enthalpy of reactions with the energy changes required to break bonds 
of the reactants and make new bonds to form products. It is simpler to consider 
gaseous reactions, in solutions the solvent itself interacts with the reactants and the 
products and the situation is very complicated. In solids, neighbour-neighbour 
interactions have to be accounted for. We shall, therefore, consider only elementary 
reactions in the gas phase to get a feel of the origin of the enthalpy of reactions. 
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In the gas phase, the enthalpy chanp o f a 

tfie molecules of the reactants) — ( energy reiease d 

fo^eHT’^^^st^jTEsswe^V 
"In' tGe caSe ol formatiMni HCl (g) from H 2 (g) 
and CI 2 (g), AH = —185 kJ moP* of H 2 and CI 2 . 
This heat of reaction should be the difference 
between the energy required to break the bonds 
between H 2 and CI 2 and the energy released when 
two molecules of HCl (1 e., bonds between H and 
Cl) are formed. 


H —H 


Cl-Cl 


energy absorbed iT. 


breaking bond, AH = + 437 kJ 

energy absorbed in 
breaking bond, AH = + 244 kJ 


■f H 

+ 


H 

+ 

Cl + Cl 




00000 
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bond formed, 
energy released 
AH = -433 kJ per 
mole of HCl formed 

f 

HCl HCl 


Thus for the reaction. 
Enthalpy change. 


H 2 (g) + Cl2(g)-2HCl (g) 

AH = (437 + 244) - (2 X 433) 
= - 185 kJ 


8.2.4 Hess’s Law of Constant Heat Summation 

A consequence of the law of conservation of energy is that th e enthalpy oj^ 
sn hstance in a particular state is independent of the method wejitihsfidjp jnaEe^htd 
substance in th at state ,C)ur definition of the enthalpy change in a reaction as the 
difference between the enthalpies of products and the enthalpies of reactants is based 
on the law of conservation of energy. 

Let us take oxidation (burning) of carbon to produce CO 2 
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CONVENTIONS FOR WRITING THE THERMOCHEMICAL 

EQUATIONS 

(i) For exothermic reactions, AH is negative and for endothermic 
reactions, AH is positive. 

(ii) Unless otherwise mentioned, AH values are given for Standard 
State of a substance, i.e., when reactions occur at 298K and standard 
atmospheric pressure, 

(iii) The coefficients of the substances of the chemical equations indicate 
the number of moles of each substance involved in the reaction 
(fraction may be used), and the AH values given correspond to 
these quantities of materials. 

(iv) For indicating physical state of each substance in a chemical 
equation, designation such as (g), (s), ( 1 ) and (aq) are given along 
with'the chemical formulas of reactants and products. 


H.(g) + ^02 (g) 


HiO(l):AH = -286kJ 


Here 1 mol of hydrogen gas reacts with 5 niol of oxygen gas to 
produce 1 mol of liquid water. But if 1 mol of water vapour is 
produced instead of 1 mol of liquid water, the value of AH will be 
different. 

Hj(g) +1 Oa — UiO (g); AH = - 242 kJ 

(v) In case the coefficients in the chemical equation are multiplied or 
divided by a factor, the AH value must also be multiplied or divided 
by the same factor. For example in equation, 

H 2 (g) + i Oi(g) — HzO (g); AH = - 242 kJ 

if coefficients arc multiplied by 2 , we would write the equation 

2 H2(g) -h Oa(g) -* 2 H 2 O (g); AH= 2X(-242) = ~ 484.kJ 

(vi) When a chemical equation is reversed, the sign but not the magni¬ 
tude of the AH value is changed. In other words, a reaction that is 
endothermic in one direction will be exothermic in the reverse 
direction. For example, 

N 2 (g) + 02 (g) — » 2NO (g): AH = 180.5 kJ fendothermic) 

2NO (g) —' NaCg) + 02 (g); AH = — 180,5 kJ (exothermic) 
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C (graphite) + O 2 (g) — CO 2 ^ 394.0 kJ (i) 

It IS also possible to carry out this reaction in 
two steps. First, carbon can be converted to CO 
followed by the oxidation of CO to CO 2 In other 
words reaction can be considered to be made up of 
the following two reactions' 


C(graphite) + “ O 2 (g)— CO(g); AHi 


= -110.5 kJ (ii) 

CO(g) + i O 2 (g)— CO 2 (g); AH, 

= - 283.5 kJ (iii) 


C(graphite + O 2 (g)— CO 2 (g). AHi + AH 2 

1= - 3 94.0 kJl 


e e 0 e e 
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It is clear that AH for the reaction ( 1 ) is the sum of the enthalpy changes for (ii) 
and (iii) reactions, i e., AH = A Hi + AH 2 . 

j This additivity leads us to HESS’S LAW OF CONSTANT HEAT SUMMATION The 
! E nthalpy chang e in ch emical reaction is the sl^ ^hethe r it ta kes^lace i njoae.-or 
’ Se veral stages; if u lakpg plj^ ce in siveralZSiaggsTbe enthalpV ortheI xe^ti«n--is~thfi 
alge^raicsumoTthe entha lpies of reactions of the sever al s ta ges. 

I This is a very Important lawT al it provides us a m^hod fordetermining heats of 
reaction that cannot be experimentally determined front other heats of reactions 
which are known. For example, to calculate the C—H bond energy in methane 
one would like to know the heat of reaction for 


CH4(g)— C(g) + 4H(g): AH = 2 

One-fourth of AH will give us the C—H bond energy, since the above reaction 
is limited to the formation of four C — H bonds. To arrive at this we can consider 
the following reactions: 


CH4(g) + 2 O 2 (g) — C02(g) + 2 H 20 ( 1 ); AHi = - 891 kJ 

(Heat of combustion of methane) 


C(s) + 02 (g) — C02(g) 1 AH 2 = - 394 kJ 

(Heat of combustion of graphite) 


H 2 (g) + i O 2 (g) — H20(1) ; AH 3 = - 286 kJ 

(Heat of combustion of hydrogen) 
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C(s)—*C(g) ;AH4 = + 717kJ 

(Heat of sublimation of graphite) 

H2(g) — 2H(g); AHj = + 436 kJ 

(Heat of dissociation of hydrogen molecule) 

For 

CH4(g)—*C(g) + 4H(B) 

AH = AH,- AHj- (2 X AHj) + AH^ + (2 X AHs) = + 1664 kJ 
Thus, for C(g) + 4 H(g) —* CH 4 (g), AH = - 1664 kJ 

Therefore the bond energy of C — H bond in methane is X (1664) = 416 kJ moP' 


8 3 HEATS OF REACTIONS 

The amount of heal released or absorbed during a chemical reaction depends on the 
amount of substance that has reacted. 

Let us dissolve Ig of ammonium chloride in 20 cm’ of water and determine the 
change in temperature of the water with a thermometer. If we repeat this experiment 
with different amount of ammonium chloride (say 2 g, 4 g, 5 g, 8 g), keeping the 
volume of the water constant (20 cm’), we will find the temperature change to 
increase with the amount of ammonium chloride dissolved. 

We 

accompany a reaction. For example we would write 

2H2(g) + 02(g) — 2H20(1) + 572 kJ at 298 K 


The heat of reaction is the amount of heat releas ed o r abg orbed i n a reaction.^ 
now complete our chemical equation by inclu^g in it the energy changes that 


This thermochemical equation,- affirms that when 2 moles of hydrogen m the 
gaseous state combine with 1 mole of oxygen in the gaseous state, 2 moles of water 
are formed in the liquid state and 572 kJ of energy are released into the surround¬ 
ings. 

For an endothermic reaction the thermochemical equation would be 


Ba(OH)2.8H20(s) + 2NH4Cl(s) + 63.5 kJ - BaCl2.2H20(s) + 2 NH 3 (aq) + 8H20(1) 

s j The nature of the energy released depends upon the manner in which the reaction is 
! carried out. If hydrogen-oxygen reaction is carried out by igniting the hydrogen 
(explosive reaction) the energy would be released in the form of heat, light and mechanical 


1 energy. If it is carried out quietly in the presence of a catalys t in w hat is called~a~ 
’ miFi much of the energy will be released in the form of electricity (such 

hydrogen-oxygen fuel cells were used in space missions leading to the landing of 


man on the moon). 
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,831 Heat of Neutralisation 

When a solution of hydrochloric acid is added to a 
solution of sodium hydroxide dissolved in water, 
heat is released. The net reaction is the formation 
of water from the reaction of hydrogen ions with 
hydroxyl ions 

HVq)+OH'(aq)-*H 20 (l) +energy O'l 

The heat of reaction in this neutralisation of an 
1 q gid by a base i s ^aU£d,lb£.itEAT-&E-]>lEtET^ . 
, yiON^^jtperiments reveal that for all strong acids 
t and bases, the heat of neutralisation is the same 
when equivalent concentrations of acids and bases 
are used, e,g., IM HCl and IM NaOH;or 0.5M 
H 2 SO 4 and IM KOH, or IM HNO 3 and IM KOH, 
etc 


2 lei* o°o°oO 

» 9 f O 0 O oSoo°0 



/ 


'000 o o e 
O o 9 O O 
O “ O o o 0 

9 0 9 6 O 
O O O 


'i 

Why is it that heat of neutralisation of strong acids and bases is independent of 
the acid and base*? 

It has been deteririined by careful measurements that w hen 1 m , ole - Q .£.j|iii at»t-tB— 
formed by the n eutralisation of 1 mole of (aq) and 1 mole of OH~(aq) long /,..^! 

kJ 01 ehergjris released __ 

Example 8.1 

What would be the heat released when 

0 25 mole of hydrochloric acid in solution is neutralised by 0 25 mole of 
sodium hydroxide solution? 

0.5 mole of nitric acid solution is mixed with 0.2 mole of potassium 
hydroxide solution? 

200 cm’ of 0.2 M hydrochloric acid solution is mixed with 300 cm’ of 0.1 M 
sodium hydroxide solution? 

400 cm’ of 0.2 M sulphuric acid is mixed with 600 cm’ of 0.1 M sodium 
hydroxide solution? 


, 0 ) 

(li) 

(m) 

(iv) 

(V) 


Solution 


Assuming that the specific heat of water is 4.18 JK"‘g"‘ and ignoring the 
heat absorbed by the container, thermometer, stirrer, etc., what would be 
the rise in temperature of the solution in the cases of (iii) and (iv)? 


(i) 0.25 mole HCl (aq) + 0.25 mole NaOH (aq) 

The net reaction is 

(0 25 mole) + OH" (0 25 moles)__ water formed (0.25 mole). 

Therefore heat released would be 57.1 X 0.25 kJ = 14.3 kJ 
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(ii) 0.5 mole HNO3 (aq) + 0.2 mole NaOH (aq) 

The net reaction is 

0.2 mole +02 mole OH" — Q.2j nolc o f^ater formed 
("0 3 'motc~nTTr~of' nitT te ac id remains unreacted, \ 

Weretoni, ti^t released would be 57 I X 0.2 kJ = 11.4 kJ 

(iii) 200 cm’ o< 0.2 M HCl solution provides ~ 0.04 mole of 

300 cm’ of O.l M NaOH solution provides 0.03 mole of OH". The net 
reaction is 0.03 mole of + 0.03 mole of OH’= 0.03 mole of water 
Therefore, heat released would be 

0 03 X 57.1 kJ= I 71 


(iv) 400 cm’ of 0.2 M sulphuric acid (H2SO4) provides mole of 

H" = 0.16 mole of H" 


600 cm’ of 0.1 M sodium hydioxidc has^^^^^= 0.06 mole of OH 


The net reaction is 

0.06 mole of + 0.06 mole of OH" = 0.06 mole of water 
Therefore heat released would be = 0,06 X 57. 1 kJ = 0 31 kJ. 

(v) For (iii) mass of solution is approximately 200 g + 300 g = 500 g 
(Assuming specific gravity of solution = specific gravity of water). 
Therefore, rise in temperature 


= 1.71X1000 

500X4.18 


0.82 K 


For (iv) mass of solution is approximately 400 g + 600 g = 1000 g 
Rise in temperature = = 0 074 K 


8.3.2 Heat of Combustion 

We noted earlier that society depends on the exothermic combustion reaction of 
fuels and food with the oxygen in the air for the energy needed for various activities. 
f Combustion releases energy as heat and the heat of reaction is called heat of 
^ combustion. The values are qsually quoted for 1 mole of the fuel. The cooking gas 
fin cylinders mainly contains k hydrocarbon (a compound of hydrogen and carbon) 
called butane, (C 4 H 10 ) During the complete combustion of 1 mole of butan©-'(i.e,, 
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burning butane in excess air), 2658 kJ of heat is 
evolved We say the heat of combustion of butane 
to CO 2 and water as gas is 2658 kJ mof' 

QHio (g) + ^02 Cg) - 4 CO2 (g) 

-b 5 H 2 O (g) + 2658 kJ 

Example 8 2 

(i) A cylinder of gas is assumed to contain 11 2 
kg'of butane. If a normal family needs 20000 
kJ of energy per day for cooking, how long 
will the cylinder last^ 

( 11 ) If the air supply to the burner is insufficient 
(i e, you have a yellow instead of a blue 
flame) a portion of the gas escapes without 
combustion. Assuming that 30 per cent of 
the gas IS wasted due to this inefficiency, how 
long would the cylinder last? 

Solution 

( 1 ) Molecular formula of butane is C4H10 ^ 

Molecular mass of butane is 58 gmofi’ 

58 g of butane on complete oxidation yields 2658 kJ of heat 
Therefore 11 2 kg of butane yields • 

2658X11.2X1000 kJ 
58 

The family needs 20000 kJ per day. 

Therefore, the cylinder containing 11.2 kg of butane lasts for 





2658X11 2X1000 
58X20000 


days 26 days. 


(ii) Since 30 per cent of the gas is wasted due to inefficiency, the heat yielded 
per mole of butane will be = 2658 X 0.7 kJ 
Therefore the number of days the cylinder will last 


2658X0.7X11 2X1000 
58X20000 


days 


18 days 


The energy required for life is also provided by the metabolism of the food taken 
by the living organism. If we consider a human being, his or her energy supply is 
provided mainly by the carbohydrates and fats consumed The carbohydrates are 
broken down, mainly to glucose or its derivatives as the first step in the body and 
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we can approximate the glucose requirement as the carbohydrate requirement. The 

heat of combustion of glucose (C 6 H 12 O 6 ) is given by 

1 

^ C 6 H ,206 (s) + 6 O 2 (g)-- 6 CO: (g) + 6 H 2 O (g) + 2900 kJ 

Tliis oxidation reaction, often referred to as the combustion of food, takes place 
in several small steps and the temperature does not become excessive as we^find in 
the combustion reaction in a flame. Catalysts called enzymes make the reactions 
possible at body temperature. Further, the energy is released by these oxidation 
reaction in several steps resulting in the formation of energy-rich molecules, which 
conserve and deliver the energy at the required site The chemistry of metabolism 
(utilisation of food for the several acts of life) is highly intricate and is a marvel 


HEAT OF FORMATION 

jrhc heat of formation is the heat evolved or absorbed wh en 1 m ole jaf a 
-'SuJjjtance is formed from the standar d (most stable) states'of its elements. 
V The heat'o^rftjtmatioTTof-wateratrdrarbon dioxide is written as " 

C (graphite) + O 2 (g)-- CO 2 (g); AHf = - 394 kJmor* 

H 2 (g) + 1 02 (g) -- H 2 O (1); AHf = - 286 kJmor' 

The heat of reaction can be calculated from the heat of formation of 
reactants and products involved in the reaction, AH = Hf (product) 
—Hf (reactant) 

By convention, tbe heat of formation of an element in its standard 
state is zero, Instead of listing the heat of reaction for thousands of 
reactions most of the data books list standard heats of. formation of 
compounds which are utilised in the calculation of the heat of reactions. 


8.3.3 Heat of Fusion and Vaporisation 

^ We need to supply energy to convert 1 mole of ice to 1 mole of water at its me lting 
I point, 273 K and 1 atmosphere. This is known as the h eat of FirsinN nf~wargr- 
I When we convei t water into steam at 373. K and 1 atmospheric pressure, we again 
have to provide energy and this is HEAT OF VAPORISATION, 
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, , H 2 O (s) + 6.01 kJ -* HiOCl) 

Heat of fusion = 6.01 kJ mof at 273 K 
H 2 O (1) + 40.7 kJ - HjOfg) 

Heat of vaporisation = 40.7 kJ mol' at 373 K 
and 1 atm pressure 


9 «oo»o 000 
eroS^ *0 o 00 ®o 

^ gp-^ OOP qq^ 


8.4 SOURCES OF ENERGY 

The community requirements of energy 
mainly are met by the combustion of fuels 
such as coal, hydrocarbons (kerosene, pet¬ 
rol, natural gas, cooking gas, etc.). These 
are known as fossil fuels, since they were 
formed from the remains of extinct life 
forms when subjected to the high tempe¬ 
ratures and pressures in the interior of the 
eaith. Fossil fuels are mainly used in trans¬ 
ports (buses, trains, tractors, etc.) and for 
production of electricity. In addition, charcoal, wood and cow dung are used; 
recently gobar gas has been introduced as a source of energy in rural areas In all 
these cases the chemical reaction is the exothermic combustion, and the heat of 
reaction is converted into other forms of energy. In the production of electricity, for 
example, the heat is used to convert water into steam, which runs a turbine that 
generates electricity. The transformation is thus; 

Heat I 



Electricity 


Chemical 

stored 

energy 


• «•*••• • °Oo'tO gO 



Another important source of energy is the mechanical energy in water, when it is 
rushing at high velocities (kinetic energy). HYDROELECTRIC POWER stations, such as 
at Nangal or Shivasamudaram utilise the kinetic energy of fast-moving water to run 
turbines that generate electricity. In the past few decades man has learned to harness 
the energy locked in the nucleus of the atom and NUCLEAR POWER stations are 
being set up in the country. We have nuclear stations at Tarapur (Maharashtra), 
Kota (Rajasthan) and Kalpakkam (Tamil Nadu). The Narora Station in U.P. is to 
be commissioned soon. Wind is another source of energy which is not yet tapped 
significantly in India. Tidal waves, ocean currents, the hot gases and hot steam that 
rushes out of the earth’s interior in the form of geysers, hot springs, etc. (known as 
GEOTHERMAL SOURCES are yet other forms of energy awaiting exploitation. 

The hydroelectric source and fossil fuels are more readily available and have 
been exploited immensely. The standard of life and the prosperity of a nation is 
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reflected to a large extent by the amount of electrical power consumed by its 
population India is one of those countries which are very backward in this respect 
(Table 8.1). Coal has been our mainstay and it is only during the last ten years that 
we have found adequate crude oil (in Assam, Gujarat and from underneath the 
ocean surface in the Arabian Sea) to be able to meet more than half of our oil 
demands without imports. Hydroelectricity has also been developed considerably 
Since independence Even then our demands are bound to increase with development 
and the search for additional sources of energy cannot be allowed to slow down 

TABLE 8.1 


Consumption of Electric*! Energy In India Compared with Consumption in a Few Other Countries 


Country 

Estimated eleetnt'ol energy consumption per person 
per year in (KWII/person/year) (I 9 S 4 -SS) 

India 

220 

China 

340 

Singapore 

3500 

Great Britain 

4700 

USSR 

5100 

Japan 

5200 

USA 

14500 


8.4.1 Conservation of Energy Sources and Identification of Alternative Sources 


Fossil fuels are sources of energy that nature has formed over the age and at present 
society consumes them at a rate much faster than their rate of formation It is 
estimated that man would run out of fossil fuels before the middle of the twenty- 

Source 

Renewable (Non-depletable) 
or 

Non~renewabIe (Dephtabh) 

Biomass 

Renewable 

Wind 

Renewable 

Ocean waves 

Renewable 

Tidal waves 

Renewable 

Nuclear fission power 

Non-renewable 

Solar energy (direct utilisation) 

Renewable 

Nuclear fusion 

Renewable since hydrogen would be the 

(this is to create energy the way stars prime source and is available in plenty, 

produce energy) 
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first century Fossil fuels are termed as ‘depletable’ or ‘non¬ 
renewable’ sources of energy for this reason 

The extent to which river water power can be exploited is 
also limited and the availability varies between regions. It is 
imperative that man identify ‘alternate sources of energy’ 

Given on page 230 is a partial list of such possible sources 

Most of the energy sources (see page 230) are not 
yet available for exploitation and intense research is on. All 
of them are more expensive (some of them very much more) 
than fossil fuels and hydroelectric power. For example, 
solar energy is so dilute (i.e, diffuse) that a solar power 
station generating 100 megawatts will occupy 34X10“'m^ (84 
acres) compared to 185 m’ (0.05 acres) occupied by a 
thermal power station utilising coal Power from nuclear 
fusion IS still very far from practical exploitation. In essence, 
power is going to be more expensive and hence the need for 
conservation. 

Man has been foolish to fritter away much of the fossil sources of energy It was 
only in 1974, when the oil prices suddenly shot up, that all the nations woke up to 
the need for conservation of energy. In fact, one of the main reasons for the drop m 
oil prices during 1984-87 is that effective conservation has slowed down the growth 
rate of demand for petroleum products. 

In India, we have an additional problem in that a very large fraction of our 
population (about 75 per cent) depends upon wood for fuel This has led to a large- 
scale destruction of trees leading to deforestation which leads to change of weather, 
soil erosion and flooding. 

While identification of alternate and renewable sources of energy must be a 
priority in our effort, we should also practise conservation at all levels. A few 
practical suggestions for daily life are- 

(a) Use the most efficient of the fuels available to you and preferably an 
easily renewable one (See Table 8.2). 

(b) When fuel is burnt, efficiency should be high. More efficient stoves 
{chullabs) are being designed. A luminous (yellow) flame indicates in¬ 
sufficient suppy of oxygen and hence incomplete combustion. Compare 
the heats of reaction under these two circumstances. 

C(s) + j (g)__ CO(g); AH = - Ill kJ (incomplete combustion) 

C(s) -f- 02 (g)__ CO 2 (g); AH = - 394 kJ tcomplete combustion) 

In addition to fuel waste, incomplete combustion leads to the release.!of 
poisonous carbon-monoxide. 
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(c) Your utilisation of the fuel must be planned in such a manner that idle- 
time IS minimised. 

(d) Use the correct vessel for cooking. In a vessel larger than required, heat 
is wasted in heating more of the material of the vessel than necessary. It 
is better to use a flat-bottomed vessel than one with a round-bottom since 
more heat escapes from the sides in a round-bottomed vessel. The size of 
the flame should be adjusted so that heat does not escape from the side 
of the vessel. 

(e) While cooking, use energy-saving devices, such as pressure cookers The 
cost of your pressure cooker is recovered very quickly since you pay for 
less fuel. 

(f) If you use electricity, turn off lights, fans, pumps, etc., when not needed. 

(g) Inspect you electrical connections, such as switches, plug-points, cables, 
etc , and sec that they do not get hot. Heating of electrical connections is 
very dangerous and can cause fire. It is also an energy wasted. 

(h) Think before you cut a tree. Plant two trees if you must cut one. 


TABLE 8.2 


Comparison of Dlfferrnt Fuels 


Fuel 

Healing 

value 

(kJIkg) 

Cost per 
unit 
(1987) 
(Rupees) 

Efficiency of 
the fuel 
slave (%) 

Annual cosi 
for a family for 
cooking purposes 
(20000 kJIday) 
(Rupees) 

1. Soft coke 

27,000 

0 80/kg 

28 

770 

2. Charcoal 

29,000 

3.50/kg 

28 

3150 

3 Wood (sun dried) 

16,000 

1.20/kg 

28 

1960 

(70 per cent of the energy requirements m 

villages are met by firewood and other agricultural wastes. 

Wood-stove efficiencies have been improved and as high as 50 per cent efficiency is 

now claimed). 

4. Cow dung 

8,800 

0.20/kg 

11 

1510 

5 Kerosene 

38,000 

2.75/kg 

48 

1100 

6. Electricity 

3,600 

0.80/KWH 

76 

2130 

7, Liquid petroleum gas 

kJ/KWH 

46,000 

4/kg 

.60 

1060 

(cooking gas 
in cylinders) 

8. Gobargas 

20,000 

0.60/m’ 

60 

360 

kJ/m’ 

(The process of production of gobar gas provides in addition a good fertilizer 
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8.4.2 Pollution Associated with Consumption 
of Fuels 

One of the important causes of pollution of the 
atmosphere in our cities and towns is the com¬ 
bustion of fossil fuels to meet the needs of society, 
especially those of electrical power and transport. 

Carbon dioxide, the mam product of combustion 
is released into the atmosphere and if the percen¬ 
tage of carbon dioxide increases significantly, it is 
expected that the climate of the region would 
change—the average temperatures are expected to 
increase Fossil fuels contain compounds of sul¬ 
phur and nitrogen, or even sulphur in the ele¬ 
mental form as impurities, and combustion results 
in the release of oxides of nitrogen and sulphur’ 
which are corrosive and piosonous. They are 
known to cause ‘acid ram’ when the rain water 
turns acidic Besides, the process also releases 
unutilised hydrocarbons and the poisonous carbon 
monoxide. Some of the hydrocarbons released are health hazards A large-scale 
effort IS on to minimise the pollution and many countries have achieved significant 
success. In India, we are still at the pollution-increasing stage. 

Other sources of energy are also beset with similar or even more difficult 
problems. In nuclear power stations the release of radioactivity into atmosphere is 
strictly controlled but disasters occur occasionally (Chernobyl in Russia in 1986 and 
Three-mile-Island in U.S.A m 1979) and a large segment of population gets affected 
A more significant problem is the safe storage (for decades) of the radioactive waste 
(with an extremely high level of radiation) generated by the nuclear power stations. 

8.4.3 The Sun as the Primary Energy Source 

An examination of the energy cycle given on page 234 reveals that the sun is the ultimate 
source of energy. 

Besides, the formation of elements is now believed to have occurred stepwise 
from hydrogen by the process of nuclear fusion occurring in stars. In that sense, 
everything that we see around us, including ourselves and the uranium we use as 
nuclear fuel, are all children of star dust. Hence, stars in general (and our sun in 
particular) are the ultimate source of all our energy. It is no wonder that most 
ancient religions recommend worship of the sun. 

8.5 WHAT DECIDES THE DIRECTION OF SPONTANEOUS CHANGE 
IN A CHEMICAL REACTION? 

We have seen that, m nature, we have both exothermic and endothermic reactions 
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occurring spontaneously* and the products are more stable than the reactants in 
such cases. A dilemma is immediately apparent—in endothermic reactions, where 
the enthalpy of products is higher than the enthalpy of reactants and this implies 
that in this case the products with greater enthalpy are more stable than the 
reactants. 

We are aware that water or any object reaches a state of equilibrium by having 
mhumum gravitational potential energy; water flows down a gradient and objects 
tend to fall and attain a position such that the centre of mass has the least distance 
from the centre of the earth. Obviously decrease in enthalpy is not always necessary 
for a spontaneous chemical'reaction. 

Let us perform the following experiment: 

Take a rubber band; (a) stretch it suddenly and immediately feel its temperature 
by placing it on the forehead in the stretched condition Is the change exothermic or 
endothermic? (b) Stretch a rubber band and keep it stretched for some time to allow 
it to reach room temperature. Then suddenly release it and feel its temperature with 
the forehead. Is the change exothermic or endothermic"? 

It is observed that the natural tendency of a stretched rubber band is to reach the 
relaxed state even though it absorbs heat energy fiom the surroundings (endother¬ 
mic). This implies that for every change there is a direction ,of natural tendency, 
^rresnectivt jaf-whcthc{^-tti E.£nergY content of the.syxtem increases or de creases: The 
direction of natural tendency is decided by factors in addition to the desired 


A reaction tha tJias a naturaLtendei^ to ocwr of Us ow n accord is s aid to be spontaneous 
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decieasc in energy, we know now that there is only 
one other additional factor. We shall attempt to 
understand this factor by performing the lollowing 
expel imenls' 

Take a tray (about 10 cm square) and divide it 
into two equal parts, Till one side with marbles of 
one colour and other side with clear marbles of the 
same size and mass Use enough marbles to leave 
some space as shown in Fig 8 2 Then shake the 
tray .sideways with a unifoim motion and observe 
what happens to the marbles 


Fig 8 2 .1 irav with dark and light maihle^ 

sepaniti'dinto two gtoupi 

Flip the page.s as suggested in Fig. 8 3 (a) and Fig Fig 8 3 (b) and say which is the 
probable direction [n Fig 8 3(a) you stait with marbles of the two colours separated 
and in Fig. 8.3.(b) you start with the marbles of the two colours completely mixed 
Is what IS depicted in Fig. 8 3.(b) possible‘s 

The scries of pictures in Fig 8 4 repiesent what happens if we start with a 
container having all the molecules in one corner (may be done by opening a 
paitition placed on one side) Going backwards (as seen by flipping the figure 
backwards) that is, starting with all the molecules well spread out and finding that 
all the molecules have eollected on a corner at a later time is ‘improbable’ A .similar 
observation is made when we watch what happens if we have two different gases 
(bromine vapour and air) separated into two containers and then the two are 
connected by opening a tap between them (Fig 8 5) 

There is one dominant description that emerges from all the experiments listed 
above there as a natural tendency for molecules to spread, i e , to gO from ‘order’ 

Fig. 8.3(b) Fig. 8.4 


Fig 8 .3 (a) We start with a tra_\ of the marbles as in Fig H 2 Flip the pages backwards (jrom 

pagQlSfontainmg Fig S 3(a) What doy . ' . . 

Fig. 8.3 (b) We start with a tray of the ■ i' •nixed up. Flip the pagM 

backwards (from page2! ^lontaming Fig > ' • . . /■ !{ this possible'^ 

Fig. 8.4 You Stan .• itli a i onui'iier i- has a pailition anti gas fed into the enclosed space 
The panUton is remoi eiJ, '<'< ii hat > appens } t'p both and decide which is the spontaneous 
direct ion‘> 
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(a) 


(b) 


Fig. 8 5 Mixing of bromine vapour and air (a) siiuaiion before mixing, (b) situation after a few hours 

Hence a ll naturaL ptoccfttfs..te. n d4 o follow two criteri a, decrease.energy .content 
and-ge-from order to disord er Just as we measure energy in joules, can we measure' 
the extenFoTorderT^rrMroFaer^ any unit'' A tremendous advance was made in our 
understanding of natural processes, when the concept of ‘entropy’ was introduced 
, At this juncture, it is sufficient to define ‘entropy’ as a quantity that measures order 
and disorder in a system and increases when ordef decreases an^disorder increases 
The natural tendency in nature is the tendency to increase Ign^npy .'- For example, in 
all the experiments described above the tendency to decrease order and increase 
kntro py is the natural tendency .Entropy Hs measured in units, of joul es pe r degree 
i kelviinjiO 

LetT?^eonsidcr chemical reactions which are of our immediate concern. We 
have seen that reactions tend to seek minimum energy and maximum randomness, 
|i.e., a reaction will be more probable if it is exothermic or there is an increase in 
Jentropy Now if entropy is denoted by S an d entropy change hv .AS. c hemical 
xhan geji will have na tural tendency to occur if AH-is ne gative nntl AS \ PO.Hti’ f 
BuTcontrary to this, we also come across reactions which .irc eriuolheni'ilc mi I'aiuic, 
i.e., AH is positive and still they occur. Similarly there are also reactions in which 
entropy of the system decreases but occurs. Scientists found that while deciding the 
natural tendency for a reaction to occur (spontaneity) one should consider both AH 
and AS togetherj^e function that takes both enthalpy and entropy into account is 
called, /gELE l ENERG^ and is given the symbol G (meaning Gj hb’s free energ y after 
the name, J. Willard Gibbs). The relation between G,H and S is 



and the change in free energy. > Ap-.at-eoTistaTrt-t^m.nera ture and pressur e can be 
written as 



(Here, T is temperature in Kelvin) 

. . I 

Thus, the criterion for a reaction to occur spontaneously will be decided by AG. It 
B-4cmnd that irrespective o f the signs of AH and AS, a reaction will be 
sous if A G value is negative\ i.e,, free energy of the system decreases. For a 
spontaneous react^ ' 
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Gprciducts Grcaclamj AG < 0. \ 

A reaction for which AG value is zero will be at 
equilibrium, i.e , 


AG 


equilibrium 


= 0 


* O ^ 9 

2^*<i8,ojo*oS2oV: 


But if AG is positive, i e.. AG > 0. the / 
reaction~ls~no i>'spontane ous The reverse of 
the reaction, however, will be spontaneous. 

The most favourable circumstance for a 
negative value of AG, which indicates a 
spontaneous reaction, is a meeative valu e of 
AH t ogether wit h a DOsitive_ va lue - of -AS ^ 
Hdwever, a large negatm value of AH may 
outweigh even an unfavourable entropy 
change and AG value may be negative 
resulting m spontaneity of a reaction. 
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Similarly, a large value of entropy change, AS together with suitable temperature 
values (TAS) may also outweigh an unfavourable enthalpy change, giving rise to a 
negative value of AG 

The following Table summarises how signs of AH and AS for a given reaction 
determine the reaction spontaneity. 


TABLE 8 3 


A// 

AS 

AG = Aff-TAS 

f 

Remarks 

- 

+ 

- 

Reaction spontaneous at all temperatures 

+ 

- 

+ 

Reaction non-spontaneous at all temperatures 

- 

- 

— (at low T) 

+ (at high T) 

Reaction spontaneous at low temperatures 

Reaction non-spontaneous at high temperatures 

+ 

+ 

+ (at low T) 

— (at high 

Reaction non-spontaneous at low temperatures 

Reaction spontaneous at high temperatures 


If we see the above Table we find that temperature plays a very important role in 
deciding the spontaneity of a reaction. A reaction/process may not be spontaneous 
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at a low temperature but may be spontaneous at a slightly higher temperature or 
vice versa. This is illustrated in the conversion of ice into water. 

Ice —► Watei 


Temperature (T) 

AH 

AS 

TAS 

AG 

(°C) 

(K) 

(Joules) 

(Joules K"') 

(Joules) 

(Joules) 

-10 

263 

5614 

20 5 

5392 

+ 227 

0 

273 

6006 

22 0 

6006 

0 

r* 

+10 

283 

6391 

23.4 

6622 

- 231 


r' 


It is seen that at alt temperatures, AH is positive, i.e., we have to supply heat to 
melt ice into water AS is also positive since solid ice has a more ordered structure 
than liquid water. However the sign of AG changes with temperature; 

(i) At 263K, AG>0, incticating that ice is more stable than water, (li) at 283K, 
AG<0 indicating that ice is less stable than water; and (in) At, 273K, AG = 0 
indicating equilibrium between ice and water. 

We thus conclude that it is the interplay of entropy and enthalpy changes that 
decides the direction of spontaneous change. 

8.6 WHY THE ENERGY CRISIS IF ENERGY IS CONSERVED IN NATURE ? 

In the section 8 5, we have seen several processes that’ appeared predestined to go 
only one way, i.e, the direction in which disorder increases. Starting from the 
situation in Fig 8.5 (a) where the bromine molecules are separated from the 
molecules of the air, the most probable distribution after a long time is what is 
depicted in Fig 8.5(b). The probability of other" distributions (say one in which 75 
per cent of the bromine molecules are in the right-hand container) is very much less 
than in Fig. 8 5 (b). The probability that the distribution may return by chance to 
what (as shown in Fig. 8.5(a) is extremely small and may be considered near zero 
To return from Fig 8.5(b) to 8.5(a) one would have to perform a series of actions, 
such as physically separating bromine molecules from the rest and then filling the 
two containers, and all this involves work and hence expenditure of energy. 

In a similar way, burning of fuels is a ‘one-way process’ and to reform the fuel, 
say coal from thq carbon dioxide released into the air, considerable effort is needed by 
nature (through the act of photosynthesis). It is this ‘one-way’ pioperty of most 
processes that we shall, in later years, see, is responsible for all engines to be less 
than hundred per cent efficient, i e. 
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Work done by the engine , , , 

- 1 -2-IS always less than 1 

Energy fed into the engine 

Even though energy is conserved, a portion of it is always converted into those 
forms which cannot be recycled without great effort (i e., the amount that goes into 
increasing entropy) Therefore, the concept of useful work leads to 

AG = AH — TAS = maximum useiul work 

AG really decides for us how much work we can, at best, derive from any 
process 

A precise way of stating the energy crisis is “ te world’s energy remains constant 
but it IS being converted by the act of living into forms which are more expensive 
and less convenient to use ” 


j 

) 

EXERCISES 


8 1 Fill in the blanks 

(i) H2(g) + Cl2(g) _ 2HCl(g) + 185 kJ 

This reaction is-thermic (^xo or endo’) 

AH kJ 

( 11 ) H 2 (g)+ 1/2 02 (g) _H20{1) r 
AH = -286 kJ ^ ■ 

2 H 2 (g) + 02(g) 2H20(1 ):=aA kJ (±?) 

(ill) CH4(g) + 2 O 2 —C02(g) + 2H20(g) 

AH = -809 kJ 

The calorific or fuel value of ! kg of CH-i(g) is-kJ/ kg 


8.2 


( 1 ) C 4 H,o(g) + y02(g) _ 4C02(g) + 5 H 2 O, AH = -2878 kJ 
AH is the heat of-of butane gas 


(ii) HCl(aq)+ NaOH(aq)__ NaCl(aq) + H20(l), AH = -57 IkJ, 

in real terms, H*(aq) -P Cr(aq) + Na’(aq) + OH (aq) —► Na’^(aq) + Cl (aq) + H20(l) 
AH is the heat oLnrE: pf hydrochloric acid and sodium hydroxide 
solutions. *^^^^4000 


(ill) 


C(s)__ 

(graphite) 


C(g) 


AH = 716.7 kJ 


AH is the heat of^^^of graphite 
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(iv) C(s) —-CCg); AH = 714.8 kJ 

(diamond) 

AH is the heat of-of diamond. 

(v) H 20 (s) —► H 20 ( 1 ) ; AH = 6.01 kJ 

AH is the heat of-of ice 

(vi) H 20 ( 1 ) —► H 20 (s) • AH = -6.01 kJ 
AH is the heat of —— of water. 

(vii) H 20 ( 1 ) — H 20 (g); AH = 40 7 

AH IS the heat of-of water. 

(viii) H 20 (g)—H 20 ( 1 ):AH = -40 7 
AH is the heat of-of steam. 


Calculate the heat of combustion of glucose from the following data; 

C(graphite) + 02 (g)-- C 02 (g); AH = -395.0 kJ 

H 2 (g) + ‘/2 02 (B) —' H20(I), AH = -269 4 kJ 2 ^) A, 

6 C (graphite) + 6 H 2 (g) + 302(g) —- C 6 H, 206 (s) 

(glucose) A 

AH = -! 169.8 kJ p 

Calculate the entropy change AS per mole for the following reactions. 

( 1 ) combustion of hydrogen in a fuel cell at 298 K. , 

H 2 (g) + 1/2 02 (g) — H 20 (g) ^ 2- 

AH =-241.60 kJ K:) ^ !v. 

AG = -228.40 kJ " 

(ii) Vaporisation of methanol at its noimal boiling point. 

Methanol (1)-- methanol(g); AHvjp^ 23.9 kJ 

Boiling point = 338 K. 


8 5 Calculate the free energy change per mole for the following reactions. 

(i) CaC 03 (a)-- CaO(s) + C02(g) at 298 K 

AH = 177,9 kJ 
AS= 160.4 JK'‘ 

(ii) 2N02(g)—- N202(g) at 298 K 

AH = -57 2 kJ 
AS = -175 6 JK'* 


8 6 Calculate the C — C bond energy from the following data: 

2C(graphite) + 3H2(g)-- C 2 H 6 (g), AH = -84,67 kJ 

C(graphite)-- C(g)-, AH = 716 7 kJ 

H2(g)-* 2H(g); AH = 435 9 kJ 

Assume 416 kJ as the C-^H bond energy. 

Express it m kJ mof', 

8,7 C(s) + 02 (g) —- C02(g) + 394 kJ 

C(s) + 1/2 02 (g)-- CO + 111 kJ ' ! 

(i) In an oven using coal (assume the coal is 80 per cent carbon in weight), insuffieient 
oxygen’is supplied such that 60 per cent of carbon is converted to CO 2 and 40 per 
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cent of carbon is converted to CO 2 and 40 per cent caibon is converted to CO. 
Find out the heat generated when 10 kg of coal is burnt in this fashion 

( 11 ) Calculate the heat genei ated il a more sufficient oven is used so that only CO 2 is 
formed 

(ill) Calculate the percentage loss in heating value lor the inelficient oven 

8 8 Gobar gas obtained by bacterial fermentation of animal refuse contains mainly methane 
The heat of combustion of methane to CO 2 and water as gas is given by. 

CH4(g) + 2 O 2 (g) C02(g) + 2H20(g) + 809 kJ 

How much gobar gas would have to be produced per day for a small village community 
of 100 families, if we assume that each family has to be supplied 20000 kJ of energy per 
day to meet all Us needs and that the methane content in gobar gas is 80 per cent by 
weight? 

8 9 ( 1 ) An average person needs about 10000 kJ per day How much carbohydrates (in 

mass) will he have to consume, assuming that all his energy needs are met only by 
carbohydrates, in the form of glucose? 

(ii) A human eats 0 350 kg carbohydrates (glucose) and 200 g of fats every day, and 
It IS assumed that combustion of fats can produce energy equivalent to 
39000 kJ kg ' If the body consumes all the carbohydrates preferentially, how 
much will his weight increase per year, assuming that only 50 per cent of the 
excess fats are excreted 

8 10 If a man submits to a diet of 9500 k'J per day and expends energy in all forms to a total 
of 12000 kJ per day, what is the change in internal energy per day'? If the energy lost 
was stored as sucrose (1632 kJ per 100 g), how many days should it take to lose 1 kg'? 
(Ignore wateV los.s for this problem) 

8.11 Fill in the blanks in the following table related to H20(l)—- H 2 O (steam) at 
standard atmospheric pressure 


t°C 

T K 

AH 

AS 

TAS 

AG 



(Enthalpy 

(Entropy 


(Free Energy) 



change) 

change) 





kJ moF' 

JmofK' 

kJ 

kJ 

90 

363 0 

41 1 

— 

— 

+ 1.193 

100 

373 0 

40. 7 

109 

— 

— 

110 

383 0 

40.1 

— 

— 

-0 979 


8 12 In the following changes stale whether order has increased or decreased and consequent¬ 
ly the direction of change of entropy of the system. 


(i) 

(11) 

(•ii) 

(IV) 

(V) 


Stretched rubber band 

H20(I)- HjOCs) 

Dry ice (solid carbon-di-oxide) — 

Steam-- Water 

Cr^'^ + 6H20(aq)-- Cr(H20)6 

light 


Loose rubber band 


C02(g) 


(vi) C02-t-H20 


Photosynthesis 


carbohydrates -h O 2 
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(vu) Proteins (helical form) denaturation protcm.s (random coil form) 

(viii) Normal egg -v hard boiled egg 

ii 13 Consider the reaction 

A + B - C + D 

(i) If the reaction is endothermic and spontaneous in the direction indicated, comment 
on the sign of AG and AS 

(li) If the reaction is exothermic and spomaneous in the direction indicated, can you 
comment on the sign of AG and AS? 

(lii) If the reaction is exothermic and spontaneous only in the direction opposite to 
that indicated, comment on the sign of AG and AS for the direction indicated in 
the equation 
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What can m do when we cannot 
go backward or forward ? 


OBJECTIVES 


♦ 

* 

* 


* 






In this Unit, we shall learn 


the dynamic nature of equilibrium In physic^ and chemtcal processes; 

the derivation of mathematical expression fpr ;the equilibrium ponstant 
and its aplication in finding out the exteht of a cbemiical change; ' > 

the characterstics of the equilibrium state ip'terms of; constancy'of' 
macroscopic properties; ' ' ■' ,{'/ 


the effect of concentration,pfessure and .temperature on the equifif; 
brium state, ' % , ' ' 

the concept of acids-bases and pH; r '< 

the application of the, law of eqdUbrium'i to' systems‘ hch as'; 

ionisation of electrolytes (including adids*'b’a’sp|); ‘add .SdlubUif^ 
sparingly soluble salts. - -" ' .f.’’,' .'s' ■ Vv', 
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From our FXE’FRIENCI in carrying out chemical icactions, wc are led to believe 
that, when we mix reactants in the exact proportion icquired, and pciform a 
chemical reaction, all the reactants are converted into products with the release or 
absorption of energy This assumption is a central one in chemical analysis, especially 
when you determine quantitatively the amount of a paiticular substance contained 
in a system by volumetric or gravimetric analysis using stoichiometry (chemical 
arithmetic). This is not true in all cases. Many chemical reactions proceed only to a 
certain extent and the resulting mixture contains both leactants and products. We 
then say that a CHEMICAI. KQUlI IBRillM is reached and the properties of the mixture 
remain constant with time, In this Unit we will examine many aspects of chemical 
equilibrium. By changing conditions of the system, such as temperature, pressure, 
concentration of reactants, and by changing concentration of products by the act of 
removing them trom the site of the reaction, etc., we can control the extent to which 
a reaction can proceed, This is an important aspect that plays a crucial role in the 
design of industrial proce,sses. 

Let us (idd 10 cin'^ of 0,1 M lead nitrate solution to 10 cm’ of 0.1 M potassium 
chromate solution The solution is filtered and to the filtrate, a few drops of 
potassium chromate is added. Let us examine if more precipitate is formed At first 
the yellow precipitate of lead chromate is formed and the leaction goes to (very) 
near completion. If the exactly lequired amounts of reactants had been mixed as per 
the following equation, 

Pb (NO0(aq) + K 2 CrO 4 (aci) - PbCTOds) + 2KNOi (aq) 

ihe filtiate would not have formed any precipitate, when potassium chromate 
solution was added again. This is an example of a reaction which goes almost to 
completion, (Why we say 'almost to completion’ instead of ‘to completion’ will be 
understood later on when we consider what is known as the ‘solubility product’ in 
this Unit 

When a bottle of ammonia solution (Be Carejul. Uh‘ Only a Very Dilute 
Solution—less than 0 1 W j is opened you immediately smell the ammonia In 
water the reaction is. 

NHi (g) + HiOfl) ;=i NH^ (aq) +OH (aq) 

Ammonium ion (NH4) does not have any smell. Therefore from the smell we infer 
that all the NH 3 (g) has not be^n converted into NH 4 (aq). The solution is basic 
(litmus test) due to the presence of OH' ions 

In cases such as in the above experiment, we say that the substances in the final 
reaction mixture are in state of chemical eqmlihriiiw. We use the symbol ■;=i: to 
denote equilibrium as in the above equation m contrast to the symbol — used 
in the earlier equation where the reaction goes to completion. In the latter case when 
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the substances in the right hand side of the equation are mixed, significant amounts 
of substances in the left hand side are formed. Therefore, there is no clear distinction 
between products and reactants and we call all the species present in the equilibrium 
reaction as reactants 

When the ammonia solution in the pievious experiment is boiled no smell ol 
ammonia will emerge from the solution after some time. The solution when tested 
for OH' (litmus test) and for NHi (There is a reagent called Nessler’s reagent which 
can give a test for NHj in solution) indicates their absence Similarly ammonia can 
be removed from the solution by bubbling air through the solution We shall 
understand this later. 

9.1 EQUILIBRIA INVOLVING PHYSICAL CHANGES 

The characteristics of systems at equilibrium are more easily understood if we 
examine some physical changes in a state of equilibrium. The most familiar examples 
involve changes of state such as 

I solid liquid 

\ liquid gas 

', solid gas 

and we shall consider some of them 

9.1.1 Solid-Liquid Equilibrium 

When placed inside a perfectly insulated thermos flask, such that there is no 
exchange of heat between its contents and the surroundings, ice and water at 273 K. 
and at normal atmospheric presssure reveal to us many of the important characteri¬ 
stics of an equilibrium state. Firstly,we should notice that the mass of ice and water 
will not change. The temperature will not change If we could observe the individual 
molecules of ice and water we would notice that there is considerable activity, in the 
sense that some molecules from the liquid water join on to the ice and that some 
molecules of ice pass on to the liquid Since there is no change of mass of ice and 
water, the rate of transfer of molecules from ice into water and the rate of reverse 
transfer from water into ice must be equal In terms of free energy change, that you 
studied in Unit 8, we say that for ice and water system, 

A'G = 0 at 273 K and standard atmospheric pressure 
We also saw that at other temperatures for 

■ ice ?=5 water 

orH20(s) H 2 O (1) 

AG<0 at temperatures greater than 273 K 

and AG > 0 at temperatures less than 273 K. 
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From this you should infer that ice and water are at equilibrium only at a particular 
temperature For any pure substance at LOO atmospheric pressure the temperature 
p which the solid and liquid phase arc at equilibrium is called the normal melting 
weint or normal freezing pomt of the substance. '1 he cquihbruun in this case will be 
[dynamic EQUll IBRIIJM 

Thus from the above, we infer that in any system at dynamic equilibrium, 

‘ , i) Free energy change, AG = O'. 

ii) Two opposite changes occur at the same time. 

iii) These two changes occur at the same rate so that the mass on both sides 
j I of the equilibrium undergoes no change. 

9.1.2 Liquid-Gas Equilibrium 

It IS common expeiicncc that even though the tempeiature of Delhi (or Jaipur or 
Hydeiabad) and the temperature of Bombay (or Madras or Calcutta) be the same 
on a particular day, you sweat more at Bombay (or Madras or Calcutta), especially 
during the summer months. We usually say that the humidity is high in cities which 
are close to a sea or any large body of water, How can we explain this'? The 
following simple experiment would help us to understand the reasons. 

A box carrying a U-lube with mercury (manometer), is made dry by placing some 
drying agent like anhydrous calcium chloride (or phosphorus pentoxide) for a few 
hours and then removing the drying agent (Fig, 9 1). By tilting the box on one side, 
a watch glass (or petri dish) containing water is quickly pushed inside the box. We 
then watch the manometer It will be observed that the fluid level in the right limb 
of the manometer will slowly increase and finally reach a constant value, that is, the 
pressure inside the box has increased and reached a constant value You may also 
notice, that the volume of water in the watch glass has, decreased. Repeat the 
experiment with different amounts of water in the watch glass, ensuring that you 
start with a dried box every time. 

Initially, there is no water vapour (or very little) inside the box and as the water 
evaporates the pressure in the box increases due to the addition of water molecules 
into the gaseous phase inside the box. Since the temperature is held constant, the 
rate of evaporation will be constant However, the rate of increase in pressure 
decreases with time leading to a final situation (or equilibrium condition) where 
there is no net evaporation. This implies that as the number of water molecules in 
the geaseous state increases, the rate of the* return of the water molecules from the 
gaseous state into the liquid state increases and when di^uilibrium is reached, 

rate of evaporation = rate of condensation 

and the dynamic equilibrium can be written as. 

H20(1) ^ HzOfg) 

When the equilibrium is reached, the pressure exerted by the water molecules 
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remains constant and this is called the equilibrium vapour pressure of water (or 
just vapour pressure of water) and it will vary with temperature. When the 
temperature increases the vapour pressure increases It is also 'noticed that so long as 
there is adequate water in the watch glass,' the final equilibrium vapour pressure is 
independent of the amount of water in the watch glass. 



preparing a dry box 




,1 
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If the same experiment is repeated in a room wheic the temperature is higher (in 
summer a closed looni gets warmer than a well-ventilated open room) the equilibrium 
pressure would he observed to be higlicr II the experiment is repeated with methyl 
alcohol, ethyl alcohol and acetone, it would be noticed that different liquids have 
- dificrciit equilibrium vapour picssiites at the same tempeiature,and the liquid which 
has a higher vapour press ' ■ ' Does the intensity of the smell given 

by a liquid depend on the ■ ? Are peifumes volatile? 

Let us expose three watch glasses containing 1 cm’ each of acetone, ethyl alcohol 
and water to air without box We then repeat the experiment with 2 cm’ of each of 
ethyl alcohol and water in a warmei room. 

It Is observed that in the.se cases the liquid eventually disappears and the time 
taken for complete evaporation depends on the nature of tlic liquid, the amount of 
the liquid and the tcmpeiatuic 

When the watch glass is open to the atmosphere, the latc ol evaporation is still 
constant but since the molecules get dispersed into a large (open) volume the rate of 
condensation from gas to liquid state can ncvei equal the late of evaporation. Such 
systems are said to be open and the systems such as a closed box (as mentioned 
above) are closed svstemm nL cannorfeaglrcmnlihruim in an open system 

We thus infer. 

In a closed system there is a dynamic equilibrium between molecules in the gaseous 
state and the liquid state (if sufficient amount of liquid is present). For example, 

HaOd) HzOfg) 

The vapour pressure exerted by the molecules in .the gasejius phase is constant at 
eguihbrium. The equilibrium vapour pressure-depends, upon the liqu id ( its volatility), 
f temperature and not on the amount of liquid present after equilibrium is reached. It 
is also independent of the volume of the container for the gaseous state. 

Our atmosphere is an open system and the water vapour in the air would depend 
on the amount of water in the area, the wind velocity, temperature, etc Near a sea 
or a, lake, especially when the wind^is not high the amount of water vapour in the 
air at a given temperature is high (as in Calcutta, Bombay or Madras) compared to 
a city m Rajasthan (almost a desert), Delhi or Hyderabad. 

Example 9-1 


Liquid 

Equilihrium vapour pressure 


at 293 K 


(kPa) 

water 

2 34 

acetone 

12,36 

ethanol 

5 85 
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Which of these will have the lowest and highest boiling points'? At 293 K which of 
these will evaporate least in a sealed container before equilibrium is established"? 


(Remember I atmosphere =101.3 kPa) 

Solution 

We know that when tempei ature rises, vapour pressure of the liquids also rises and 
at boiling point,vapour pressure becomes equal to atmospheric pressure A liquid 
with lower vapour pressure will require higher temperature for getting its vapour 
pressure raised equal to atmospheric pressure Therefore, the liquid with the lowest 
va pour pressure wil l have theju^est boding ^int and the liqui d with the hiehe^ 
va pour pressure wifThave tH? low gst boili ng poinf Dut of the three liquids (water, 
acetone, and ethanol) acetone will have the lowest boiling point and water will have 
the highest boiling point 

At 293 K water will evaporate least in the sealed container before equilibrium is 
established 


9 1,3 Equilibrium Involving Dissolution of Solids in Liquids or Gases in Liquids 

Solids in Liquids: It is common knowledge that you,cannot dissolve any amount of 
salt or sugar m a given amount of water If you niake a thick sugar syrup solution 
by dissolving sugar at a higher temperature, sugar crystals will separate if you cool 
the syrup We call a solution in which more solute cannot dissolve, a saturated 
solution The concentration of the solute in a saturated solution depends upon the 
temperature In a sa turated s olution, a dynamic equilibrium exist s betwee n the 
molecu les in the snliri_ si aie and the_niolecules in the solution_ 

Sugar (in solution) Sugar (solid) 

and at equilibrium, 

Rate of dissolution of sugar = Rate of precipitation of sugar 
Equality of the two rates and dynamic nature of equilibrium can be demonstrated 
with the help of radioactive sugar (Fig. 9.2) If we drop radioactive sugar into a 
saturated solution of non-radioactive sugar, it will be observed that the solution and 
the rest of the sugar existing as solid will also becorop radioactive 

saturated solution of sugar 
(solution becomes radioactive 
after sometime) 


sugar undissolved 

(this heap of sugar will become 

radioactive after some time) 



E ig. 9,2 Demonslraiion for dynamic nature of chemical equilibrium 



250 


CHhMISIRY 


Gases in Liquids We arc a\vare that when a soda water bottle is opened, the carbon 
dioxide gas dissolved in it fizzes out rapidly. Here again is an equilibrium situation 
At a given pressure, there is an equilibrium between the molecules m the gaseous 
state and the molecules dissolved in the liquid. For example, 

COj(gas) CO 2 (in solution) 

William Henry states this in a law call ed Hr.NRY 'S,LAW. The mass of a gas dissojved 
m a given mass of a solvent at any temperature is proportTonano'tTie~’pressuie of 
the gas aEove the solvent. Thi s amount decreases with Increase of temperature Since 
”tEF*soda bottle is sealed when the gaT iT aFTtigh' pressure (above atmospheric 
pressure), there is plenty of gas dissolved in the water and the gas prcssiiie above the 
liquid is high A.s soon as the bottle is opened, the dissolved ga.s escape.s to reach a 
new_cquilibrlum condition required for the lower p re.s.s iire, namely atmospheric 
pressure. If you leave the soda bottle open to the air lor some time, it does not fizz 
anymore, it has turned ‘flat’ 

Example 9.2 

If 0.200 g of iodine is stared in 100 cm^of water at 2HH K till cqudibiium is reached 
what will be the mass of iodine found in .>011111011 lul he mass that is left 
undissolvtd, Attei i.quilibnuni is Touched with 0 2b0 g oi voi V.ii uikI 100 cm' ot 
water, we add 150 cm' ol wutei to the sy.>iepi Ho\s much lodin wih he di.ssolved 
and how much will he lett uiulissolved .uul ut'ul will be (lie cmi entruiinii of iodine 
in .solution? 

H: .. ' O.iJ '1 i un-l ■ 'ai ■ 1 

Soluti<}a ' ^ 

Moleculiu mas', ol niduu;, F - ■’’.■'4 

At eqnihl'iium th. 'imnunt 01 ioduic uismiIvo "i ' hticllUuO om'iui watei 

0 001! X254 
== 0 2704 g 

— 0. 28g 

y' • 

Therefore, mass ol dis.solvcd lodmc in i(W enr' “ 0 0’!Hg 
Ma.ss o! undissolved iodine in 100 cm’ -- (UJOl) - 0.028)g . 

- 0.172 •/ 

After equllihaum between 0 200 g ot b and hit) cui'ot wuli-i is ic.'clii.d, addition ol 
150 cm^ of water will result in lurther dissolnuon of H 

Now dissolved iodine in 250 cm^ of water “ “ 0.U70 g of iodine. 

tJridissoSved iodine = 0.200 g — 0.07 g = C.130 g 
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9 1 4 General Characteristics of Equilibria Involving Physical Processes 


We noted that 

(i) in the case of liquid 


gas equilibrium, the pressure of the gas abo ve 


liquid was constant at equilibrium at a given temperature . 

(li) for solid liquid equilibrium, the r e is only one temperature tmelfinp 
point) at which the two phases can co^^^^d wit houi ~a nv~exdiange of 
heat witlTflre surroundings the mass of the two phases remain constant. 

(iii) for dissolution of solids in liquids the solubility is constant at a given 

temper ature. _ ~ 

tivl lor d issoluti^ of gases in liquids the concentration of a gas in liqu id is 
propo rtional to thelpressure of the gas over the li quid, i.e., the con- 
cOntrSion of the gas inthelpace abSvetlTfcliquidT ~ 

These four concentration-related findings are expressed in the table below. 


Process 

Expression that slates the findings above: the 
expression has a constant value for a given condition 

H20(I)?=iH20(g) 

P 1120 constant temperature 

H 2 O (I) ^ H 2 O (s) 

Melting point at constant pressure 

Sugar (s) Sugar (solution) 

[Sugar (solution)] at constant temperature 

CO 2 (g) CO 2 (aq) 

[CO 2 (aq)] 

-at constant temperature 

[C02(g)J 


From the physical changes discussed by us we can state that the chataciensiics 
common to the systems at egmlibrium are as follows: 

1. The system has to be closed ; that is it should not gam matter from the 
surroundings nor lose matter to the surroundings. 

2. There is a dynamic hut stable condition Two opposite processes occur at the 
same rate. 

3. The measuraide-praperiies-ef-the-system remain constant, since the concentration 

of the substances remain constant. ' 

4. When equilibrium is attained, there exists an expression involving concentration 
of reacting substances which reaches a constant value at a given temperature. 
The table above lists the concentration-related expressions for certain physical 
processes. 

5 The magnitude of the constant value of the concentration-related expression is 
an indication of the extent to which the reaction proceeds before reaching 
equilibrium. 

9.2 EQUILIBRIA INVOLVING CHEMICAL SYSTEMS 

We have seen that' not all chemical reactions proceed to completion; just as m 
physical processes we reach a state of equilibrium. In fact, no reaction truly goes to 
completion. We shall soon see that what we mean by completion is that in the final 
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state of equilibrium, the \ oncentration of reactants (those on the left hand side of an 
equation) is negligibly smi.ll compared to the concentration of the products (those 
on the right hand side of an i qution); for example, 

AgNO, (aq) r NaCl(aq) NaNO,(aq) + AgCl(s) 

We may add a small arrow in the reverse direction to indicate that at equilibrium 
the reaction proceeds far to the right. In this Unit, vve shall not make such 
distinctions and assume that arrows ^ indicate equilibria and do not say 
anything about the relative concentrations of the species involved. 

In order to understand equilibrium in a chemical system, let us take the following 
reaction and perform the experiment; 

FV"(aq) + SON (aq) FeSCN’*(aq) 

(yellow) (colourle.ss) (c 'ep red) 

bet us fust prepare the following solutions and obscrv, their colour. 

a) 200 cm’ of 0.002 mol L"' potassium thiocyanate solut m, and 

b) 200 cm’ of 0.20 mol 1/' iron (III) nitrate solution 

Here, we find that solution (a) is colourless and that (b) hav a pale yellow colour. In 
both these solutions the species exist as ions; K* and S(.'N' in (a) and Fe”', 
NO* in (b). 

c) Let us add one drop of solution (a) to 10 cm’ of (b). The i.olii ,ori turns reddish 
brown and this colour is due to the species FeSC'N''* in solin m, which is deep 
red The concentration of FcSCN’’ can be estimated by the intensity of the 
colour 

dl In a 100 cm’ beaker, let us prepaie .10 cm' ol 0.001 mol L ' solution ot 
potassium thiocyanate by adding 25 cm' ol solution (a) to 25 cm’ ot distilled 
water. 'With a dropper add 5 to 6 drops of 0.20 mol L ' iron (III) nitrate to the 
beaker and stir the solution. Now pour 0.5 cm’ ol the lesultant colouied 
solution into four petri dishes placed on a white .surface (white paper) 

Dish 1 is kept as reference for comparison To dish 2 add two or three crystals of 
potassium thiocyanate and note the deepening of the colour near the crystals 
compared to the colour of the solution in dish 1. To dish 3 add three drops of iron 
(III) nitrate solution (b) and again note the intensification of colour compared to 
the colour of the solution in dish 1. 

Any deepening of the red colour in dish 2 and dish 3 by addition of SCN' or 
Fe”" ions indicates that in dish 1 there was an equilibrium; not all the Fe’^ or SCN~ 
had been converted to FeSCN'’’’,!! the reaction had gone to completion towards the 
formation of FeSCN't any further addition of Fe’^ or SCN" would not have resulted 
in a change of colour From this experiment we infer that 
1 there exists a CHEMICAL EOl*!LIBRIUM 
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Fe\aq) + SCN (aq) :;=i FeSCN^^ (aq) 

2 Addition of eit her Fe^^ or SCN leads to increase m the con centra ti on of 
th e FeSCN^^ in the sol ution 

Till now we have only seen the effect of increase in the concentration of Fe^^ or 
SCN'. Is it possible to decrease the concentrations of either or both of these species? 
One way to reduce is to convert it by another reaction to a form which cannot 
react with SCN'. This is achieved by adding (F') ions to the solution. In solution, 
Fe^^ reacts with F’ to form a series of colourless complex ions' 

Fe’^ (aq) + F'(aq) -- FeF'"(aq) 

Fe^"^ (aq) + 2F'(aq) -► FeF^"^ (aq) 

We now add to dish 4 match-head sized amounts of sodium fluoride and stir It will 
be noted that the colour of the solution m dish 4 has decreased in comparison to 
dish 1 As Fe’^ concentration is decreased, the Fe SCN concentration decreases 
shifting the equilibrium to the left. Take 5 cm^ of solution (d) in other dishes each 
time, and add FeCh, FcifSO^li, NH4CNS and NaCNS and confirm for yourself that 
the equilibrium we are studying concerns Fe’"" (aq) and SCN' (aq) 10 ns. The entire 
experiment may be repeated with combination of any one Fe (III) salt and any salt 
containing SCN' as one of its ions, 

We further infer 
3 

In such reactions in solutions the rates are reasonably fast so that, to the eye, the 
changes look instantaneous. In reality, it takes a finite time to reach equilibrium, 
one can establish the time required by using modern sophisticated instiuments It 
could also be shown using labelled ladioactive reagents that the equilibrium is 
dy namic in the sense that at equilibrium, the rate of forward reaction ~ rate of 
b ackward reaction and that such 'liidirectional conversions are taking place all the 
time ^ 

When we considered equilibria in physical changes, we were able to identify an 
expression involving concentration of the reactants, that remained constant with 
time, at a given temperature. Is there such an expression for chemical equilibria? If 
we had quantitatively determined the concentration of Fe^^, SCN and FeSCN^^ in 
our experiment in all the dishes, we would have established that after equilibrium 
was reached, the concentration ratio: 

[FeSCN^"'] 

[SCN'] [Fe’"] 

is a constant at a given temperature irrespective of the initial concentrations of Fe’ 


Decrease in the concentration of Fe in a so lution 
hriiim. leads to a decrea.se in tne concentiation of FeS 
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and SCN', (here square brackets indicate concentration) In fact, our observation can 
be explained as follows: 

In dish 2, when we added potassium thiocyanate crystals, we increased concentration 
of SCN^ This increase led to a readjustment, leading to an increase in [FeSCN^^] 
(and hence increase in red colour) and a consequent decrease in [Fe^*] and a new 
value for [SCN J so that 

[FeSCN'"] 

[SCN1[FV^] 

reaches the same constant value as in dish 1. Similar increase in [FeSCN^^] results 
when we added Fe’^ in dish 3. In dish 4 when we reduced the concentration of [Fe^^ 
by the foimation of complexes FcF'^and FeFi.the readjustment to maintain equilibrium 
demands decrease in [FeSCN^* ] (leading to a decrease in the red colour) and a 
simultaneous inciease in [SCN" ] so that again we arrive at an equilibrium, where 
concentrations maintain the ratio, 

[FeSCN^*] 

[SCN'][Fe"J 

to be the same constant as in dish I, 

Without lurther ado, we would generalise our experience with this experiment 
(many such experiments have been conducted over the years) and stale what is known 
as the LAW OF EQUILIBRIUM 

9.2.1 The Law of Equilibrium 

From many experimental investigations it has been generalised that at a particular 
temperature, for a chemical reaction given by 

aA + bB xX + yY 

we have at equilibrium, the same value of the ratio 

WW- 

\ 

( [X]^[Y]> ^ ' 

where K is called THE EQUILIBRIUM CONSTANT, 

The concentration ratio 


[xr[Y3^ 

[AfW 

is denoted by Q (concentration quotient) and Q = K. a/ equilibrium. At equilibrium 
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which we know to be dynamic from experiments, especially with radioactive- 
labelled reactants, we infer that 


Rate of forward reaction = Rate of backward reaction 


After equilibrium is reached, when we change the concentration of any one of 
the reactants as we did in dishes 2 to 4, we change the concentration ratio Q. Then 
the concentrations will icadjust themselves such that Q equals K, when equilibrium 
IS reached T he law of e quilib rium as expres sed ab ove was first studied hv.Guldbere 
a nd Waage m 1863. 

Example 9 3 


Let us consider the following reactions and write the concentration quotient for 
them 

a) Cr02' (aq) + Pb^^ (aq) ^ PbCr04 (s) 

b) Fe'" (aq) + SCN' (aq) FeSCN^' (aq) 

c) HCI (aq) ,^=5 H’ (aq) + CP (aq) 

d) CaCO,(s) CaO (s) F CO 2 (g) 

e) NHa (aq) + HpO (1) ^ NH 4 (aq) + OH' (aq) 

f) N 2 O 4 (g) !=■- 2 NO 2 (g) 


Solution 

We shall considci the-e example:, in detail and explain various aspects involved in 
writing concent!alum tiuoticnt 

Systems in 9 3 (a) and ‘ft (d) above are heUMog: rivous and the equilibria aie 
hctciogoncuos ciiuiiibria' hen, cquilibin me bcivvecn e<iinponcnt'. in two diflerent 
phases, iimm.ly, fiohd au.d liquid in (a) and solid uiul t'.'s in td; 

We note iluu the vjtuuii nt rafi- and liciicc the equdduiun! ('unslaiit is defined in 
terms of cin cquidiun we write Pn tiie equilibrium 
Foi a\ ) hH cC 3-dli ' 


(A 


[A!'I Bl¬ 


and fui rC -I dll ~ a A A bB 



Q 2 -- 

Ihcreluic, 

Qi-= 

in (a) 

0 = 


[ AjTB y' 

iryEDj" 

j_ 

O 2 

[PbCT04 (s)] 

fCrOrifPb'1 
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It is customar y to assi gn for all solids, [Solid]= 
[ PbCr 04 (s) ] = 1 


A 


Again, by convention. 

Q = 

For (b) 

Q = 

For (c) 

Q = 

For (d) 

Q = 

and by convention, 

Q = 


_I_ 

[Cr04'‘][Pb'’] 

[ FeSCN^^ ] 

[Fe^^]rSCN'l 

[H^3[Cn 

[HCl] 

[CaO(s)][CO;(g)] 
[ CaC 03 (s) 3 
[C03(g)3 


In the concentration ratio of a r eactio n involving gas we can replace concen- 
t T’, ' “ ‘. - ' • rcssub since at a given temverature the 

p. Ip..' .1 j ' 'T'' oportiohal to its concentration. 


Qp = (Pcoj) 

and at equilibrium K = pco^ meaning that at equilibrium (closed system) the partial 
pressure of CO 2 over solid CaCOs is a constant at a given temperature. 


For(f) 

we shall write Qp = | -^9^3 

(PN20^) 

Strictly speaking, Qp defined in terms of partial pressures, is not the same as Qc 
defined in terms of concentration Since c = p/RT for an ideal gas. 

Qp (in terms of pressure) = Qc (in terms of concentrations) X (RT)” 
where n = (sum of exponents in the numerator of Q) 

— (sum of exponents in the denominator of Q) 

When we consider (e) 


Q = 


[NH:(aq)][OH-(aq)3 


[NH3(aq)3[HaO(l)] 
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[NH:] [QH-] 
[NHj] [H2O] 


(written usually) 


Again by convention, H 2 O is the solvent and is present in a large quantity and will 
not appreciably change during the reaction By convention,we treat the concentration 
of a solvent as constant and we write 


, ^ [ NH^] [OH ] 
[NH,] 


In practice,the prime on Q is ignored and we write 

Q=: [OH- ] 

[NH,] 

(that is,we put [HjO (I)] = 1 by convention) 

Our earlier discussion on the partial pressure of a liquid can be now reconciled as 
follows 


HiOd) H20(g) 

0 = 

[H20(1)] 

[H 2 O (g)] IS proportional to pH 20 (g) and by convention, 

[H20(1)]= 1 

Thus, the new constant, at equilibrium is 
K = P1120 (s' 

pHjO (g) depends only on temperature and does not depend on the amount of liquid 
water present 

9 2.2 The Magnitude of the Equilibrium Constant 

The magnitude of the equilibrium constant, K, indicates how far a reaction can go; 
since for 

aA + bB cC + dD 

[cnpf 

[ATlBf 

where the concentrations are at equilibrium, it is obvious that t he larger the K, the 
greater will be the equilibrium concentration of^the_cojnpnji£nts-aiuthe right hand 
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For example, in the system 

(aq) + SCN' (aq) FeSCN'* (aq, 

K = 

[SCN ] [Fe'^] 

= 138 at 298 K 


You may wonder why we have not written any unit for K Defined in terms of 
concentrations, K has units. Strictly speaking, we cannot use concentration but a 
dimensionless q uantity called ACllvriY and in reality K denved from rignr mis 
considerations i^Tdirnensionl^ You will understand why it is dimensionless in youT'^ 
higher clas.ses. W^therefore, have given no units for K 

If [FeSCN^'] = 0 01 molL'at equilibiium and we staitedwith equal cimceiUiation 
of Fe*'^ and SCN we would find that at equilibrium 
[Fe’*] = [SCN-] «0.0085 mol i;‘ only 

Therefore, in piaciice the reaction has gone almost to completion, 

Foi the reveise reaction 

FeSf'N" Fc*' + St'N' 


the equilibrium constant is (1/138) at 298 K and the small magnitude of K denotes 
that the reaction does not piocccd much to the nght. 

Another example would he: 

Cu (s) f (aq) Cu’' (aq) i 2\\\ i ./ 


K = -= 2J)lo'' 298 K 

LAg' (au)l' 

and foi Cu fsj + Zn^^ (aq) Cu^*' (aq) 1 Zii (s) 


LZn^' (aq)J 


= 2.0X lO '*' at 298 K 


By comparing the two K’s we can conclude that while Ag will be piecipitated by Cu 
when a copper rod is dipped in a solution containing AtC, Zn will not be precipita¬ 
ted by Cu when a eoppei lod is dipped in a Zn^" solution. In lact the reverse is 
possible in the second ease When a 7n lod is dipped in a solution ccmtauimg Cir" 
ion, Cu will be precipitated. 

Example 9.4 

Given that K ■= 2 0 X 10’’ at 298 K for 

Cu (s) + 2Ag^ (aq) Cu''" (aq) + 2 Ag (sj 
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fill in the blanks in the following table for the three solutions at equilibrium 


Solution 

[Cu‘‘(aq)] 
mol L”' 

[Ag" (aq)] 
mol L”’ 

[Cu’"(aq)] 

[Ag" (aq)]’ 

1, 

(a) 

1.0 X 10'’ 

2 0 X 10" 

2 

2.0 X 10'’ 

I OX 10'" 

(b) 

3, 

2 OX 10'’ 

(c) 

20X10" 


Solution 

For the reaction,Cu (s) -F 2 Ag^ (aq) Cu^'" (aq) + 2 Ag (s) 

^ ^ [Cu^* (aq)] 

[Ag^ (aq)]^ 

Substituting the values of concentration for Cu (aq) and Ag (aq), we get the 
values of 

a = 2.0 X 10'’ mol L"' 
b = 2.0X 10" 

and c = 3.16 X 10*® mol L"' 

The table above states that there may be at a given temperature, many reaction 
mixtures, each having different concentrations, which are at equilibrium, However 
they obey the law of equilibrium 

It must be obvious from our discussions that in the system described by 
aA + bB cC-f-dD 


equilibrium would be reached whether the initial system starts with A and B or with 
C and D or for a matter of fact with any mixture of A, B, C and D, and at 
equilibrium our law of equilibrium has to be satisfied In the case of Cu^*, Ag 
system, we can start with copper in a solution containing Ag”^ or with silver dipping 
in a solution containing Cu^^ or any combination of these, the systems will adjust 
towards equilibrium such that, at equilibrium 


[Cu 


s-i- 


= 2.0X10" at 298 K 


[Ag^ (aq)]^ 

The magnitude of the equilibrium constant depends on the equation written for a 
reaction The appropriate equation must be specified when an equilibrium constant 
is stated. 


We could write 

Fe^" (aq) + SCN‘(aq) vs FeSCN^^aq) 

K, - [FeSCN^I 
[SCN'J [Fe^"] 

= 138 at 298 K 
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We could have equally well written 

2 Fe’* (aq) + 2 SCN" (aq) - 2 Fc SCN" 
thcn,'K 2 = Ki at 298 K 

Again; 

Cu (s) + 2Ag* (aq) ^ Cu^* (aq) + 2Ag (s) 

K, - [Cu^^(aq)l 

[Ag (aq)]’ 

= 2X lo"at 298 K 

Then, 1/2 Cu(s) + Ag^ (aq) 1/2 Cu^" (aq) + Ag (s) 

K,= 

[Ag* (aq)] 

= K,; =(2X 10' )j 
-4,5X lO^it 298K 

9.3 EFFECT OF CHANGING THE CONDITIONS OF SYS'I FMS AT 
EQUILIBRIUM 

If a system at equilibrium is subjected to a change in the concentration of one or 
more of the reacting substances then the system is no longer at equilibiium, net 
reaction will occur ,until the.system returns to equilibrium. We .shall soon find 
that it is possible to predict the direction and magnitude of the change lequired to 
restore equilibrium. If the temperature of the system is changed suddenly, then the 
system will no longer be at equilibrium The equilibrium constant depends upon 
temperature and a new equilibrium has to be established and we can again predict 
the direction and the extent of change that has to occur to attain equilibrium at the 
new temperature 

9.3.1 Change of Concentration 

In our experiment involving Fe’*(aq), SCN'(aq) and FcSCN^^faq) (section 9.2), we 
observed that the addition of cither or SCN increased the concentration of 
FeSCN^^ (aq) as indicated by the darkening of the red colour. We also noted that 
when by the addition of sodium fluoride we decreased the concentration of Fc^', the 
red colour intensity decreased indicating a decrea.se in concentration ol FcSCN"* 
These observations are consistent with a general law proposed loward.s the end of 
the nineteenth century by a French chemi.st Hcricy.Louis.-L,e..Ch.qteliei The general 
law is named the Le Chatelier’s Principle and states: If a system at e^uilibriu/p is 
subjected to 'a change which displace it'frorn''X^’^f^WrTumra'net reaction will 
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occur in a direction that counteacts the change. 

In t he specific casfl_ ja!Jigre the concentration of a reactant is changed we can 
restate ^ |^|!eChaI5k lJsJEl inciple:^ a system is at equilibrium and the concentration 
of one of the reactants is merea^ JO that the system is no longei at equilibrium 
instantaneously, 
that reactant 

We shall consider a few examples that illustrate this principle' 

Clothes dry quicker when theie is a breeze or when we keep shaking it. If an 
equilibrium is reached between the water in the cloth and the water vapour above it, 
a breeze or the act of shaking the cloth removes the water vapour from the 
immediate neighbourhood of the cloth; to le-establish the equilibrium more water 
molecules will have to escape from the cloth to the space above It is for the same 
reason that we sweat more on a humid day Since there is already considerable 
water in the atmospheie, water from the skin is unable to evaporate quickly. A fan 
helps by lemovmg the water vapoui from the area near the skin 

The haemoglobin,‘Hb, in the red corpuscles of our blood carries oxygen to the 
tissues, The equilihiiiim to be considered is 

Hbfs) + 02 (g) - HbOifs) 

The blood that is cquilibtated with the oxygen of the air in the lungs finds a 
situation in the tissues wlicre partial pressure of oxyijen is low and hence the 
equilibrium readjusts itself by some of the oxyhaemoglobin giving up the oxygen 
When the blood retuin.s to the lung,s the partial piessuie of the oxygen is higher and 
more oxyhaemoglobin is fonned. 

Similarly the blood removes the carbon dioxide from the tissues. The equilibrium 
is 

CO-(g) -i H;0(1) - H:CO,(aq)^ H"(aq) + HCOi (aq) 

Here catbon dioxide dissolves in the blood in the tissues since partial pressure of 
carbon dioxide is high; in the lungs where the carbon dioxide partial pressure is low, 
it IS released fiom the blood 

In many manulactuiing processes, the products formed are removed from the 
site of the reaction so that the equilibrium continuously readjusts itself towards the 
formation of the desired products. In the manufacture of ammonia by the Haber 
process 

N2(g) + 3H2(g) ^ 2NH3(g) 

ammonia is continuously removed from the reaction site by liquefaction, so that 
mote and more ammonia is formed by the'system attempting to reach equilibrium. 

When we want to precipitate metal 10 ns by passing hydrogen sulphide we can 
selectively precipitate them by adding acid to the aqueous solution. The equilibrium 

IS 


then the system wh 


list so as to decrease th 


tration of 
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Cu^'('Vq) f HjS(aq) CuS(s) + 2H\at)) 

and Zn'* (aq) + HjSCaq) - ZnS(.s) f-2H>q) 

If the solution is made acidic, the increase in hydrogen ion concentration causes a 
net reaction m the direction 

MS(s) + 2H*(aq) M‘>q) + HiS(aq) 

where M is Cu or Zn. This reaction leads to a dissolution of the sulphide. Since the 
equilibrium constants are different, ZnS dissolves in a .slightly acidic medium whereas 
CuS does not. Thus we can separate the two ions by passing hydrogen sulphide 
through an acidified aqueous solution of the mixture of their ions 
Change of Pressure in System Involving Gases- In systems involving a gaseous phase 
either in a homogeneous or heterogeneous system, the pressures of the gases play a 
dominant role since increase in partial pressure increases the concentration of the 
species in the gaseous phase. 

Consider the equilibrium: 

COi(g) + HiO(l) COi(aq) 

Increasing the partial pressure of COiIg) should lead to increased solubility accord¬ 
ing to Le Chatelier’s principle. [The paitial pressure of COifg) will be lowered only 
if COjfg) dissolves in water to form COifaq)]. 

When we have a homogeneous gaseous system, such as in the Haber process of 
manufacture of ammonia, 

N2(g) + 3H2(g) ^ 2NH3(g) 

increase in total pressure would lead to more ammonia being formed. Since the 
number of molecules on the right-hand side is smaller than that on the left-hand side, 
an increase in pressure can be offset by a decrease in the total number of molecules. 
According^ to Le/Chatelier’s/principle, the equilibrium will shift towards the right 
to decrease the number of molecules An increase of total pressure (say, by 
compression) increases the partial pressures of all the components by the same ratio 
and this will have effect only if there is a net change in the total number of 
molecules in the reaction considered. A compression leads to a decrease in volume 
at a constant temperature. Le Chateher’s principle for systems involving gases can be 
stated as. 

1. If a system is at equilibrium and the partial pressure of one of the reactants in 
the gas phase is increased, then the system will readjust to decrease the partial 
pressure of that reactant, 

2. When the total pressure is increased in a homegenous case then the system will 
react in such a way as to decrease the total number of molecules. 
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9 3.2 Change of Temperature 

The equilibrium constant changes when temperature is changed By Le Chate- 
Iier’s principle we can predict that when temn siaiuix^is inciy ased the system will 

react such that the in crease h r -- > ” r- i ' "7 TTT 

THeiefore, increase of lempen- ■. 

which IS endothermic. Therefore, for an equilibrium which is exothermic as 
written, the equilibrium constant wilt decrease with increase of temperature 

Let us consider tlie direction in which solubility m water of the following 
substances will change with temperature. NH.,C1, CaCb, NaCl, NaNOj. For 
N1I4C1 and NtiNOi heal is absoibed, foi CaCb heat is evolved and for NaCl 
there ts veiy little heat change 

Using Le Chatelicr’s piinciple, we can piedict that the solubility of NH4CI 
and NaNOf will increase with temperature, that of CaCU will decrease with 
increase ol tempciatuic, the solubility of NaCl will be almost independent of 
temperatiii r. 

Again in the llahei’s process ofmanulcctuic ol ammonia 
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It should be cmpiuiMia'd that we have not discussed anywhere how quickly the 
equilibrium i,s reaclieu when we mo, let us say A and B All that we said was 
that a! cquilibnmii, uc, late ol loimation of C and D from A and B is equal to 
the rale ol foniiaii(>n ot A and B funn C and D. If these rates are very fast then 
the equilibrium viill he reached quickly. If the rates aie' very slow then the 
cuuilihinmi will be reached .slowly. In Unit ll we shall discuss rates of reactions. 

11 wc mi.K Hi(g) and O^g), water is not formed unle.ss a catalyst is used or 
wc subject the mixture to heat from a flame or to an electiical drscharge. It is 
V'Cll knmvn that fo?" 
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Ha(g) + 02 (g) H20(g) 

the equilibrium constant is 1.2 X 10'"' at 298 K and the equilibrium when 
reached is far to the right, because K i.s very large. Under normal conditions, the 
equilibrium is never reached when you mix H:(g} and Oi(g}. However, iti the 
presence of a catalyst such a.s platinised asbestos the reaction proceeds vciy fast, 

e c question is whether the catalyst can change the equilibrium constant The 
swer is a definite NO, since the equilibrium depends only on the free energy 
Terence between the left-hand side reactants and the right-hand side reactants 
and is independent of the speed with which equilibrium is attained What a 
catalyst does is to speed up the reaction, both the forward and the backward 
reactions. 

Catalysts play an important role in life processes as well as in industries. We 
shall discuss them in Unit 11. In the Haber process of manufacture of ammonia, 
besides using high temperature and high pre.ssurc, an iron cataly.st is used to 
increase the yield. The increase in yield is not due to change in the equilibrium 
constant. In the process ammonia is actually removed from the reaction site by 
liquefaction, and the presence of a catalyst ensures that the system reacts quickly 
to drive the reaction 

2N2(g) + 3H;(g) ;=i 2NH> (g) 

to the right-hand side in its effort to attain cquilihrium when the ammonia 
concentration is being con.staiitly depleted. 

9.4 EQUILIBRIA INVOLVING IONS 

Chemical reactions in solutions, especially aqueoms solutions, play an important 
role in chemistry. Water is a solvent which .separates the ions that form an ionic 
bond. For example,sodium chloride when dissolved in water makes watci a 
good conductor of electiicity Water has a speciaf property that enables Na and 
Cr ions, forming an ionic bond in sodium chloride crystal, to separate and be 
free enough to carry electrical charges between the electrodes Solvents like 
water which allow charge to separate are called POLAR .SOLVENTS In lact the 
solubility of sodium chloride in water arises from this ability of water to 
separate its ions. In contrast, we have other solvents such as kerosene in which 
sodium chloride would dissolve only sparingly. However, naphthalene (moth 
balls) which is a covalent compound would dissolve easily in kerosene. Keiosene 
and like solvents are known as NON-POLAR .SOLVENT.S, 

Let us test the solubility of the following in kerosene and water. 

a) Sugar f) Manganese dioxide 

b) Kerosene g) Lead chromate 

c) Tar h) Barium chloride 

d) Grease i) Barium sulphate 

e) Ammonium chloride j) Ethyl alcohol 
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You will realise that there are classes of substances which dissolve only in water, 
some dissolve only in kerosene, a few dissolve in both and a few that do not seem to 
dissolve in either In fact what we mean here by not soluble is a qualitative estimate, 
it is better to say sparingly soluble rather than insoluble 

In chemistry we deal with a large number of reactions in aqueous solutions 
involving chemicals which are ionic in nature. Much of analytical chemistry is 
carried out in aqueous solutions. We will now discuss how the concepts of chemical 
equilibria we have discussed till now, could apply to solutions when ions are present. 

In discussing the reaction between and SCN', we had implicitly assumed that in 
water we have these ionic species. (It is also known that in most ionic reactions 
equilibrium is reached very quickly) 

9 4.1 Ionisation of Electrolytes 

Ions in solution aiise in two ways' (i) t he solute is a truly ionic compound or salt, so 
that the ions which already exist in the solid, separate more freely in solution, or 
(ii) t he solute is a polar covalent compound t hat reacts with the solvent (for example 
water) to fojmiaaiis. In fact, this breaking of com^uiids in solution into ions is 
ionisation.'The extent to which a compound ionises is called the degree of ionisation . 
The compounds which give ions in aqueous solutions are .electrolvtes 

Truly ionic substances are strong electrolytes. For example,NaCl, K.Br, NH 4 CI, 
KCl, NaOH When 1 mole KCl is added to 1 litre of water, the resulting solution 
essentially contains 1.0 mole of K* and 1.0 mole of Cl" ions and no unionised KCl. 

No doubt, these ions are not free particles. They are solvated ions K''(aq) and CT 
(aq). However, m case (ii) of nolar cavalent-conaneunds-a-solu le mav be a stron g or 
weak electro lyte dep ending on the deeree ol ionisati on You might be aware oTacids’ 
hydrodWoric~^cid (HCl), nitric acid (HNO 3 ) and sulphuric acid (H2SO4), Their 
aqueous solutions are essentially 100% ionised. There are only a few unionised 
molecules present at equilibrium. Therefore, equations for the ionisation reactions 
are written with only a single arrow directed to the right. 

HCl + H20-► HjO* + cr 

HNO 3 + H 2 O-- HsO^ + NOJ 

On the other hand, acetic acid^CHiC QOH a n d ammonia. NH 3 are weak electr fl:—, 
lytes. Their aqueous solutions are weakly ionised. 

In such cases, molecules of the electrolyte are in equilibrium with its ions. 
Ionisation of such electrolytes is written with double arrows () 

CH3COOH + H2O ^ H3OH CHiCOO' 

NH 3 + H 2 O ^NH 4 " + 0H‘ 

As ionisation of strong electrolytes such as HCl and NaOH, is practically 
complete, there will not be much gam m studying this type of reaction from the 
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equilibrium point of view. Equilibria involving weak electrolytes where there is only 
partial.ionisation are of gieat importance. 

loniMithm of Weak EIccirolvics: Weak electrolytes arc partially loniscil in water 
solution. Dissolved molecules e.xist in equilibrium with their ions in such solutions 
The following chemical equation represents ionisation of weak acid, acetic acid, m 
water solution. 


C'HiCOOH -E IDO + CH,COO 

Equilibrium constant, K will be written as 

K- r HiO^HCHiCOO 1 
[HiOJLCHiCOOH] 

As discussed earlier, we write [H 2 O] = 1. 


We obtain 


K„=K[H20]=-- 


[EhO'lfCHW'OOl 

LCEDCOOHl 


Equilibrium constant, K, is acid ionisation constant or acid dissociation constant. 
[HiO^] is called the hydronium ion. Earliei, tt wa.s customary to write: 


K - fCHrCOCt'l 
" [CHiCOOH] 

This practice has been given up since H'" exists only as HiO" and dissociation arises 
only from a transfer of to a proton acceptor, water. 

The degree of ionisation, a, of a weak electrolyte in water solution is the fraction 
of the total concentration ol the electiolytc,that is,in ionic form at equilibrium. The 
degree of ionisation of weak electrolyte is related to Kj. Let us take the example of 
acetic acid. According to the chemical equation, for eveiy mole of CH1COOH 
ionised, one mole of CH3COO and one mole of H3O* must form. Suppose the 
concentration of CH3COOH initially pre.sent is 'i mol L'' and only a fraction say, a, 
of this amount, is ionised. Then, at equilibrium, the concentrations of the three 
species would be as follow^' 


[CH 3 C 00 ‘] = c a, rCHjCOOH] = c (I-a) 

[H 1 O"] = c a 

2 

Therefore, Ko = 7 ^— 

(l-cr) 

If a is very smajl compared to 1 , the value of a can be neglected in the 
denominator. The expression of Ka then becomes 

Ko = c 
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THe degree of io nisation, a , jean be calculated at any concentration c, if the value of 
KaVsToiown’TTuis'”' ■' ^_ 

] a = (Ka/c)'''’ ^ 

The following examples will illustrate the methods. 

Example 9 5 

Calculate the degree of ionisation and [HsO''] of a 0.01 mnlT_, ~‘ CH3COOH 
solution. The acid dissociation constant of acetic acid is 1 8 X 10"^ 

Solution 
For the reaction 

CH 3 COOH (aq) + H 20 ( 1 ) HiO"(aq) + CHjCOOTaq) 

Let a be the degree of ionisation, then the concentrations of various species in 
solution at equilibrium will be 

[HiO^] = 0.01 a 
[CHjCOO'l = 0 01 a 
[CH3COOH] = 0,01 (1-a) 

K - 0.01 ^XQ,01g ^ (QOl)a ^ 

OOl(l-a) (1-a) 

Assuming a to be small compared to I 

K,^ = 1.8 X 10'^ = 0,01 a^ 

Therefore a’ = 1,8 X 10'^ 

or a = 4.24 X 10"^ 

[H,0"] = ca = 001X4 24 X lO'"' mol L'* 

= 4.24X 10'^ molL"' 


Example 9.6 

At 298K, a 0 1 M solution of acetic acid is 1.34% ionised What is the ionisation 
constant, Kj, for acetic acid 

Solution 

Let us assume that wc have 1 litre of solution. Since the acid is only 1 34% 
ionised, the number of moles of CHiCOOH in ionic form is 

(0 0134) (0.1 mol of CH3COOH) = 0.00134 mol of CH3COOH 
The number of moles of unionised (molecular form) acetic acid 

= (0 1 - 0.00134) mol = 0.0987 mol 
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Accuicling to tlic chemical equation, C’HiC'OOH -- HiO* + CHiCOO', 

I mol ol HA)'and I mol ol C'HiC’OO are piodnced lot every mole of CHiCOOH 
that ionises f lieieloie, 0 00134 mol I, ' ionised acetic acid will give 0 00134 mol L"' 
of H,o'ion and 0 00134 mol I ' C'lHC'OO ion. 

Coucentiations at equilihnum aie. 

H>C) I CHiCOOH -•- HiC)' 1 C'HiC'OO 

0 09H7 0 00134 0.00134 

mol L ' mol 1, ' mol [ ' 

1 hus.K.i can be obtained using equilibrium concentrations. 

.. [fHO'lK’HiCOO 1 _ fO 0013 4 110.001341 
[CH,CX)OHl 1;0”'09H71 

I K2X 10 ' 

9.4.2 Acid-Ba.se Equilibrium 

Aceoidmg to the early views ol chemists, acids weie substances that tasted soui, 
changed the coloui ol litmus trom blue to red, reacted with eeitain metals to give 
off hydrogen gas, formed caibon dioxide with caibonates and, above all, were able 
to neutiahse bases Bases (onginally called alkalis) weie substances that lasted bitter, 
felt slippery, changed the coIqui of litmus Irom icd to blue and, above all, weie able 
to neutralise acids. 

In 18S4, S Airhenuis, as a part ol his tlieoiy ol ionisation, proposed a new 
! theory of acids and bases. According to Aj Hienius'theory ac i^)s weie substa nces-that 
^prodiicF.fl h ydrogen lOns (H') ys dictt nHK si dA > a I ]r~uiaten h:i^ ^ siih suinces that 
^produced Kudro xvl ions (OH ) when mixed with watei Ac cordini; to this' theory 
I neutralisation ol acids and bases is basically a reaction between H' and OH ions. 

H'(aq) +OH (aq) HjOfl) 

Arrhenius theory was a good beginning for acids and bases. 

1 Bronsted-Lowry Theory The Arrhenius theory ol acids and bases was further 
■ extended by Johannes Bronsted and Thomas Lowry in 1923. They proposed a more 
; general concept ol acids and bases According to the Br onsted-Lowry thcqrvj iLLgc/^ 
IS ( i,pxaU) n donor while a base is a prainn accentor T HtTa^antaae of this theory is 
that the definition of an acid or a base is not restricted to neutral molecules. Let us 
illustrate thif by the following example 

HCl(aq) -b H 2 O (1) ^ HjO'faq) + Cl (aq) 

In this example, HCl donates its one proton to become Cl and H 2 O accepts one 
proton to become HsO^ Thus HCl is an acid and H 2 O is a base Here, HiO'' is 
having a proton and can give it again, therefore according to the Bronsted theory 
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H 3 O* IS an acid. Similaily, HCl, having lost the proton, has become Cl" and this 
Cr can take the proton back, therefore it is a base, Thus donating protons is a 
revel sible process Kvciy acid must form a base on donating its proton, and every 
base must form an acid on accepting a proton. The above reaction can be written as 

HCl(aq)-l-H..O(J) H,0'(aq) + Cr(aq) 
acid 1 base 2 acid 2 base 1 


fffhe base th at results when an acid donates its proton is called the CONJUGATE BASE 
ij ol'the~acid Correspondingly, the acid that results when a base accepts a proton is 
I 'Called the c fmiusa lC- MJti (^ the base. In the reaction mentioned above, Cf is the 
conjugate base ol the acid'TfCr'and H’O is the conjugate base of the acid H 30 ^ 
Thus, the conjugate acid differs from its conjugate base by one proton The following 
equations provide specific examples of conjugate acid-base pairs 


Acid 1 + Base 2 

HjO(l) -I- NHi(l) 
HCl(aq) + NHi(aq) 
NH^faq) + CH,C007aq) 
HiOfl) + CO^(aq) 


Acid 2 + Base 1 

NH^faq) + OH"(aq) 

NH;(aq) + Cr(aq) 

CHjCOOHfaq) + NH,(aq) 

HCOKaq) + OH' 


Certain acids can give up two or three protons These are calle d diprotic (for 
ejtajmi ^e. HiSOa2or mprotic (forexarilple'HsPOi)a cids, respectively According to 
the^'Bremsted concepriach acid is regarded as giving up only one proton Such acids 
(diprotic and tnprotic) give out piotons m different steps 

A Theie are certain substances which can act as acids as^well as bases and they aie 
railed amphoteiic 


Acid 1 


Base 2 


Acid 2 


Base 1 

HCl(aq) 

+ 

HiOfl) 


HiO^faq) 

-b 

cr 

H;0(1) 

+ 

NHiCaq) 


NH^(aq) 


OH'(aq) 

HCOi(aq) + 

NH,(aq) 


NHj(aq) 

+ 

COtfaq) 

HCl(aq) 

+ 

HCOifaq) 


HzCOjCaq) 

-h 

Cr(aq) 


Strengths of A ads and Bases’ Accordin g |n Rroa&ted-Luwiy ah'anTl~~is--a--pialQn-" 
‘Idon or and base is a proton acceptor Therefore,the strength of an acid or a base is 
determined by its tendency to lose or gain protons ^A strong acid is a substance 
whir.h-Uvw>«i--H-.p r.riirin p,v>.ilY to a ba.sc. The conjugate ba^ of a strong acid isXweak ^ 
I base 

^ HCl(aq) + HzOCl) HjO^ (aq) + Cf (aq) 

strong acid weak base 

Here chloride ion, Cf, the conjugate base of hydrogen chloride, shows little 
tendency to react with proton in watci solution to form hydrogen chloride molecules, 
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hence il is a weak base. Conversely, the conjugate base oi a weak acid is a strong 
base, 

CH,C00H(aq) + H20(l) ^ HiO* (aq) t-CH,COO (aq) 
weak acid strong base 

The conjugate base CHiCOO (aq) of weak acid CHiCOOH shows a very strong 
attraction for a proton and is therefore a strong base. 

A strong base has a high tendency to accept protons. Therefore, the conjugate 
acid of a strong base is a weak acid and conversely, the conjugate acid of a weak 
base IS a strong acid. 


CH,COO'(aq) + H,0(aq) i--; CHiCOOH(aq)+H20(I) 

strong base weak acid 

CT (aq) + HiOVl) ^ HCl (aq) THiCXl) 

weak base stiong acid 


The ability of an acid to lo.se a proton (acid strength) is experimentally measured 
! by Its acid ionisation constant. T he larji er the value of thejicidaomiiadion jcqjistant- 
Ktt the highci is t he acid We can talk of 

,'reTSlMTstrciigtlis o their lonTiTation constants at a 

particular temperature. 

The ionisation constant of acetic acid, Ka is written as 


^ rH,OlfCHrCOQ1 
[CHiCOOH] 


1 8 X lO'^ at 298K 


and of HF is written as 




- [HiOl[F] 
[HF] 


= 67 X lO’" 


Since the ionisation constant of HF is larger than the ionisation constant of 
CHjCOOH, hydrofluoric acid ionises m water to a greater extent and is a stronger 
acid than acetic acid. 

The general principle employed to compare strength of acids is also used to 
compare the strength of bases. The bases, ammonia and hydroxide ion, can compete 
for a proton 

NHi + H~OH NH[ + OH’ 

base 1 acid 2 acid 1 base 2 

.Similar to acid ionisation constant, base ionisation constant can be written as 


[NH/][OH-J , 

Kte = Kb = - - = 1 76 X 10 ' 

[NHi] 

The small value of Kb indicates that formation of OH’ is not favoured. This 
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indicates ammotuii is a weaker base than OH 
Example 9 7 

Calculate the etmcentiation of HiO' ion in a mixture of 0,02 M of acetic acid 
and 0 1 M sodium acetate, Ionisation constant foi acetic acid is 1 8 X 10'\ 

Solution 

Acetic acid is a weak electrolyte and ionises weakly whereas sodium acetate is a 
strong elecliolyte and therefore ionises strongly in solution 

Let X mole of acetic acid be ionised Then the concentration of various ions can 
be written as follows; 

CHiCOOH (aq) + H 2 O H,0*(aq) + CHjCOO' (aq) 

(0.02 - X) X 

CHiCOONa - Na'(aq) + CHaCOO* (aq) 

0.1 0.1 


As X IS small as compared to 0.1, 

[CHiCOO'] = 0.1 +x 


and 


0.0| mol L‘' 

[CH 3 COOH] = 0.02-x = 0.02 mol L"' 

^ fHjQl fCHiCOO'l 
[CHiCOOH] 

= xX^ = 1.8 X 10-' 


K. 


/ 


tHiO"] = x = 3.6X 10'** mol L" 


' ( 

'Ipewis aetd-base concept: Lewis gave a broad definition of acids and bases. Lewis 
(defined bases as snecies feharged or uncharged) which can donate an electron pair, 
^and aci ds as spprM is-{ehafged-&f-umdiacgedXsiiJud u:an_^a electron pair fh^ 

definitions of acids and bases fit the Bronsted-LowryanHmrligtTras tTiemes, as well 
as many other substances which could not be explained as acids or bases in terms of 
proton transfer. A reaction between ammonia and boron trifluorlde can be seen as 
an acid-base reaction. 


HjN: + BF3. -- H3N-BF3 

base acid product 

(Ammonia) (boron trifluoride) (ammonia-boron tnfluoride) • 

t 

According to Lewis’ definition, a hydroxide ion, OH and water molecule, H 3 O, 
are Lewis bases since each of them can donate a pair of electrons to proton 

H* T 0 H'-*H:O-H 
acid base 
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hno-h .. [iio-H]' 

H H 

acid base 

A^melal ion cjuijiliU-heliiivc UILe-a Ijcwivacid— 

.. 2H,X; + 7V—' [H,N-Ai-.NH,]' 


base acid 


9 4,3 Ionisation of Water 

We have .seen that water is amphoteric in natiiic However, even if no acid or base 
is added, there is still some IHO' and OH present in pine water. Some oi the water 
molecules react with each othei, one molecule ol watei acting as an acid, anothei as 
a base, to produce OH” and H\0'. 

H.0{1) b H.-Od) H,0‘(aq) f OH (aq) 

acid base acid base 

I he equilihinim constant (oi this leaetion is. 


K I 

lH:Oj' 

With oui usual convention, [bhOj “ I and thus 

K[H.Oj’ K. =-[H,O‘J(011 1 

The constant, Km,, is given the name toMC produc i oi w^y i it At 298 K, 

ricI- i.olTioJ ij^^^V 

At temperatures other than 298 K, the HiO* and OH concentrations aie equal 
but the values of K» are different from that at 298 K T'or example,*at 323 K, Kw = 
5 48 X lO"’', Therefore,[H,O'] = [OH ] = 2.34 X 10 ' mol L 

The addition of an acid, such as HCI, or a base such ^as NaOH changes the 
concentrations of HiO* and OH' ions so that they are not equal. However, the 
product, [HiO'] [OH'] must remain equal toj^ Theiefore, when an acid is added, 
the [HiO'^] IS incicased and hence [OH ] must decrease. On the othei hand when a 
base IS added to water, then [OH'] increases and hence the [fHO'J decreases, 

Example 9.8 

(a) The [OH ] of a water solution is 10 '' mol L ' 

What isthc[H30']? 

(b) The [H 3 O'] of a water solution is 4.3 X 10 ^ mol L ' What is the [OH ] 
Solution 

(a) Kw = [H 301 [ 0 H]= 10''^ 

[U,0^] = ^'= 10'’ molL'' 
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(b) K. -IH,0‘1L0H ] L4 3X 10 ’] [OH ]= lO ’' 


[OH 


JO 

4 3X10 ' 


2,3 X 10 " mol L ' 

pH-Vahw ‘1 he hydronium ion concentiation [HiO'] is a significant quantity in every 
biological pi occss and in many indiistiial processes It is possible to describe quantita- 
.ivcly the acidic or basic chaiactcr of an aqueous solution by specifying the concen- 
I tration of [HiO'j Foi example, a solution with [HiO^] = 5 X 10'^ mol L"' is more 
lacidic and less basic than one in which [HiO'] is 6X10'* mol L"' For the purpose 
iof convenience, Sorensen in 1909 defined a new scale cal l^d.jLh. e pH scale p H*t^ 
'defined as the negative laganthm (base 1(1) of the [HiO*] eoncentialion in moles per 
•ditrc. 


pH ^ -loa,i.,[H'Of 


-^7 

'It IS very easy to convcit [HjO‘] to pH, and vice veisa At 298 K in a neutral 
solution, 


Therel'oie, 


]= 1.0 X 10^ mol L'' 

pH -= -log|„[HsO'] ^ -log„„[l 0 X 10'’] = 7 


'When the pH is above 7, the solu tion, is bas ic (alkaliLiai-aacLwh&n-iL-uJisl ow 7. th e 
jsoljJt ipnJFl iTicfllx JTiF iowet the pH, the higher the HiO*' concentration For 
^example, the pH of a solution containing HiO* concentration = 1 X 10'^ mol L"' 
jwill be 2, but that of a solution containing lower concentration of hydronium ion, 
[HiO*] = 1.0 X 10 *' mol L ', pH will be 
Example 9 9 

What IS the pH of a solution whose hydronium, ion concentiation is 6.2 X 10 
mol L"'? 

Solution 

pH = — log [HiO*] 

= - log [6 2 X lO "] 

= — (log 6.2 + log lO j 
The value of log 6.2 = 0 79, and log 10 = 9 
Theicfore, pH = - (0 79-9) = - (-8.21) 

8 21 


Example 9.10 

Calculate [H^O''] and [OH ] of an alcoholic beverage which has pH = 4 70. 




The .symbol pH derived from Poienz, the Danish word for power, is an abbreviation of ‘power of 
hydlogcn ion’ 
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Solution 

pH = “log[H,O‘]--4,70 
log[H,0‘]^-^ ■ 4 70-=-5 +0.3 

Taking antilog we gel 

[H>0‘] --- 10 'X 2.0 

2.0 X 10 ' mol 1. ' 


As wc know, 

K. = [H,0‘J[0H ] 

I.OX 10 '■' = 2.0 X 10 ' X[OH 1 
Therefore, [OH 1 ~^X 10 "• mol 1, ' 

The concentralions of HiO' and OH are 20 X 10 ' and 5 0 X 10 inolL ' 
respecuvely. 


Example 9. / / 

Calculate the [HiO*] and [OH ] and pH of a 0.2 M solution of hydrocyanic acid, 
HCN Ioni,sation constant of HCN at 298 K is 7 2 X 10 
Solution 

HCN(aq) +H:0(1) H.O'(aq) + CN (aq) 

K. = 7.2 X 10 

If K mole of HCN is ionised, then that will give x mole ol HjO* and x mole of 
CN'. (0,2-x) mole of HCN will remain unionised, therefore. 


x.x _ X 
(0 2-x} (0,2-x) 


= 7.2X 10 


Assuming x to be very small, = 7.2 X 10 or x = 1.2 X 10 


Therefore, 


[HjO'] = [CN'] = 1.2 X 10'* mol L ' 
[OH'] ='7- 2x i o~^ ~ =8,3X IC'^mol L’' 


Thus, pH = -log (I 2 X 10 ’) = 4 92 


9.4.4 Solubility Product 

Most substances dissolve in water at least to some extent. There arc some substances 
whose solubility in water is so small that they are called ‘insoluble’ or ‘sparingly 
soluble’. For example, AgCl, BaS04, AgBr, ZnS, etc. 

When a saturated solution of a sparingly soluble salt is in contact with undis- 
solved salt (at a constant temperature), an equilibrium is established when the rate 
of dissolution of ions from the solid equals the rate of precipitation of ions from the 
saturated solution Suppose we have taken silver chloride, then, an equilibrium 



CHEMICAL FQUlllBRIUM 


27S 


exists between the solid silver chloride and a satuiated solution of silver chloride, 
(Since solubility of silver chloride is extremely low, therefore whatever silver chloride 
dissolves will ionise completely). 

IJndissolved salt ions in solution 
AgCl(s) ;=i Ag (aq) + Cr(aq) 

Like any othei equilibrium constant. K for sparingly soluble salts may be calculated 
from equilibrium concentrations expressed in mol L 

Thus, K = 

iAgCl] 

By convention, [AgCl (s)] = I, AgCl is a solid. 

We can combine K with [AgCl (s)] and get another constant, 

K[AgCl(s)] = [Agl[Cr] = K.p ^ 

I »*^>P=-T/^[ClT > S P 

The constant K,p is known as the sOLDBlLifY product 
T he solubility product expression for 

PbCljfs) ^ Pb"*(aq)+2Cl’(aq) 

K.p = [Pb'*] [ClT 

For CaifPO^)! equilibrium, 

Caj(P04)2(s) ^ 3Ca^* (aq) + 2POr (aq) 

K>p = [Ca'*]’[P04’']' 

The solubility product of a substance can be calculated if its solubility is known 
and vice versa. Since the solubility of a substance changes with temperature, Ksp 
changes with temperature 

Example 9.12 

At 298 K., the solubility of silver chloride in water is 0 00138 g L'*. What is K,p? 
Solution 

Molar solubility of AgCl = Q - Q9j38 g . AgCl ^ 

= 1.31 X 10'* molL"' 

For each mole of AgCl dissolving, 1 mol of Ag^ and 1 mol of CF arc formed. 

Agci(s) ^ Ag" + cr 

1.31X10'*M 1.31 X 10'* M 

K.p = [Ag"][Cn 



C ll[ MM KY 


m 


~ (1.31 X lO'V 
- 1.7 X 10"”’ 


FAHI I II.I 

.Soluliilil^ pKidiicI (Ki.p) of t Pew Spirin{;l) Soluble S«U<. a( ZISK 


Compound At/i Compound Ksp 



17X10 

PbSO,* 

1 06 X 10 


9.7 X 10 " 

SrSO,* 

3.8 X 10 ‘ 


1 .s X lO"'" 

Zn(OH)j 

1 X 10 " 


8 1X10" 

7nS* 

1 2X 10*' 


1.08 X 10 




3 4 X 10 " 




8.5 X 10“' 




1 X 10 '* 




1 7 X 10 ' 



* Solubility product is taken at 291K 



The knowledge of solubility product is of great importance in vatiotis industrial 

and analytical processes. The precipitation of a salt 

occurs only when the product of 

ionic concentrations exceeds the .solubility product at a particular temperature 


1" iiua'lt.itivc ui'iii’NsX, ilid separation and idcutificalion of metal ions, .such as 
Cu‘“, Zn", o'c, .is v.i'i'i'.vl-s's possible only due to the diffcrencc.s in the solubility 
products of their sulp hide s. 


EXERCISES 


9.1 Can equilibrium be achieved between water and it.s vapour in an open vessel'* F.xplain 
your answer and say what happens eventually. 

9.2 A liquid is in equilibnum with us vapoui in a sealed container at a Used temperature. 
The volume of the container is suddenly increased. 

(i) What IS the initial effect of the change on the vapour pressure"* 

(ii) How do the rates of evaporation and condensation change initially? 

(ill) What happens when equilibrium is restored finally and what will be the final 
vapour pressure? 
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9,3 A vessel has two compaiiments connec¬ 
ted at the lop (see Figure along side) 
In one compartment (B) radioactive 
methyl iodide* (CH il) is placed and in 
the other (A) noimal methyl iodide is 
placed Will the vapour over A and B 
become radioactive'’ Will the radioacti¬ 
vity spread to the liquid in compart¬ 
ment A Discuss in terms of the dyna¬ 
mic nature of the equilibrium between 
the vapour and its liquid 


X--- -~r 


A 

B 

'"T*. ' ~ 


- "* Non- 1 
Radio aciLve 

Rodloaclive 

- efijt-- 

” chVi-■ 

HT" . 

--r 

s. ^ 

— ~ J 


9.4 Fill in the blanks in the following table which lists the solubility data of oxygen in 
water at 299 K 


O 2 prcssuie 
(kPa) 

[ 02 (g)]cq 
(mol L ') 

[ 02 (aq)] eq 
(mol L”') 

r02(aq)]eq 

[02(g)]eq 

106 4 


0012 

— 


0 080 

„ 

0 029 

333.3 

0 13 


0.029 

466,1 


0.0053 

— 

598.8 

- 

— 

0,028 


95 


9,7 


■^rite the equilibrium constant expression for the following reactions' 

(i) BaCO,(s) BaO(s)-E COiCg) 

(ii) AgBrfs) r-e Ag + (aq) + Br (aq) 

(ill) CH.COCHid) - CH,COCHi(g) 

(iv) CH4(g)-f20:(g) - CO:(g) + 2H.O(l) , 

(V) Al(s) + 3H"(aq) - Ar*(aq) + 3/2H;(g)-,.^ 

HPOUaq) + H2O - HjO*(aq)+POr(aq) 

-tCi 700 K. the equilibiium constant, Kp, for the reaction 
2S03(g) eri 2S02(g) + 02(g) 

IS (1,80 X lO ’kPa) What is the numerical value m 
reaction at the same temperature? 


moles per litre of K.c for this 


Bromine water (a dilute solution of bromine in water) is brown and weakly acidic 
because of the equilibrium denoted by the following equation, 

Brjfaq) + IHaO (1) HBrO(aq) + HiO^fl) F Br'(aq) 

In solution, Brifaq) is brown, Br‘(aq) is colourless and HBrO (hypobromic acid-a 
weak acid) is colourless. When sodium hydroxide is added to the solution, the solution 


* In CHjI, radioactive isotope of iodine, ’"l is used 




7h 


C'HhMlSIRY 


become'* colourless bin ilie colour rclurns when liydrochloric acid is added F;xplain this 
ohservaiion 

9.H I he equilibrium cotislani lor llic reaction 
H'(gM Idgirr 2HI(p) 

IS 0 35 at 29KK !n the following mixture at 2‘)HK, has equilibrium been reached? If not,' 
slate on which side of the equilibrium the system is 

(i) f ti. 0 . 1(1 atm and O.HO atm and there is solid Ij in the container 

(ii) Pii. - 0.55 atm and Pii 0 44 atm. and there is solid I* in the container, 

(ni) P Hi 2.5 atm and Pub' 0 15 atm. and there is solid h in the container 

If 1 mole of H;0 and I mole of C’O arc taken in a 10 litre vessel and healed to 725K. 
At equilihrium 40 per cent of water (h\ mass) reacts with eaihon monoxide according 
to the equation, 

H*0(gH C-()(g) lUgH C'OdgI 
Calculate the equilibrium constant tor the reaction 

9.10 At 700 K the equilibrium eonslanl lor the reaction 

Hdg)-I-I:(g) 2Hl(g) 

is 54.8. If 0 5 molc/lilrc of HI (g) is present at cquilibnum at 700 K, what arc the 
concentptions of H:(g) and h(g) a.ssuming that we initially started with HI (g) and 
allowed it to reach equilibrium at 700 K 

9.11 The equilibrium constant at 278 K for , 

Cu(s) h 2Ag*(aq) — C'u^‘(aq) -1 2Ag(s) 

is 2 0 X lO''. In a sbluiion in which copper has displaced .some silver ions from 
solution, the concentration of C'u‘* ions is 1.8 X 10 ' mol L ' and the concentration of 
Ag* ions is 3.0 X 10 ’ mol L Is this .system at equilibrium'^ 

9 12 For the exothermic formation of sulphur trioxidc from .sulphur dioxide and oxygen in 
the gas phase' 

2S02(g) + 02(g) 2SO,(g) 

Kp = 40.5 atm'' at 900 K and AH = -198kJ 

(i) Write the expression for the equilibrium constant for the reaction 

(ii) At room temperature (~ 300 K) will Kp be greater than, less than or equal to Kp 
at 900 K. 

(lii) How will the Equilibrium be affected if the volume of the vessel containing the 
three gases is reduced, keeping the temperature constant; what happens? 

(iv) What is the effect of adding I mole of Hc(g) to a flask containing SO 2 , O 2 and 
SO 3 at equilibiium at constant temperature 

9 13 The dissociation of phosgene gas (COCI 2 ) is represented as follows: 

COCl2(g) CO(g) + Cl2(g) 

Wheij a mixture of these three gases at equilibrium is compressed at constant 
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temperature, what happens to (i) the amount of CO in the mixture (n) the partial 
pressure of COCb (iii) the equilibrium constant for the reaction 

9 14 The ester, ethyl acetate, is formed by the reaction of ethanol and acetic acid and the 
equilibrium is represented as 

CH,COOH(1) + CjHsOHfl) CHjCOOCiHsfl) + H20(l) 

(0 Write the concentration ratio, Q, for this reaction Note that water is not in 
excess and is not a solvent in this reaction. 

(ii) At 293 K, if one starts with LOGO mol of acetic acid and 0.180 of ethanol, there js 
0.171 mol of ethyl acetate in the final equilibrium mixture Calculate the equili¬ 
brium constant. 

(iii) Starting with 0.500 mol of ethanol and 1 000 mol of acetic acid and maintaining 
It at 293K, 0 214 mol of ethyl acetate is found after some time Has equilibrium 
been reached? 

(ivj We do not use dilute aqueous solutions for this reaction Why7 

(v) Why is some concentrated sulphuric acid usually added to the reaction mixture in 
a laboratory preparation of ethyl acetate 

(vi) Since the heat of reaction is nearly zero for this reaction, how will the equilibrium 
constant depend upon the temperature^ 

9.15 Write the correctly balanced net ionic equation for the reaction whose equilibrium 
constant at 298K is. 

(a) K,(C6 HsCOOH) = 6.3 X 10'’ (0 K.fHiS) = 1 0 X 10’’ 

(b) K.(H2 Cj 04) = 5 4 X 10'^ (g) K.(HCN) = 4.0 X 10''“ 

(c) K.(HS0'3) = 28X 10'’ (h) Kb(NH 3 ) = 1 8 X 10'^ 

(d) KbCOCl') = 91X10’ (i) K,(H2S) = I 0 X 10'’ 

(e) Kb(CH3NH2) = 4.4X 10'’ 

9.16 (i) At 298K. calculate the pH of (a) 0 200 M solution of methylamine, CH 3 NH 2 

(ionisation constant = 4.4 X iO'’).(b) 0.23 M weak acid HX (ionisation constant 
= 7 3X 10'*) 

(ii) At 298K the pH of a solution of lemon juice is 2 32. 

What arc the [H 3 O*] and [OH'] in this solution? 

9.17 ( 1 ) State the formula and name of the conjugate base of each of the following acids. 

(a) H 30 ^ (b) HSOj (c) NHt (d) HF (e) CH3COOH (f) CHjNHt 
(g) H3PO4 (h) H2POI 

(ii) State the formula and name of the conjugate acid of each of the following bases’ 

(a) OH' (b) HPO’' (c) H 2 PO) (d) CH 3 NH 2 (e) COl' 

(f) NHj (g) CHjCOO' (h) HS' 

(iii) Discuss the Lewis definition of acid and base How is it more useful than the 
Bronsted definition. 

9.19 (i) What is the pH of an aqueous solution with hydrogen ion concentration equal to 

3 X 10'*rnoliL'‘?What is the concentration of hydrogen ions in the solution’What is 
the pH of the solution?Is the solution acidic,, basic or neutral? 
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9.20 Find the pH of the following snliiiions: 

(i) 3.2 g of liydrogcn chloride disjolvcd in 1 IX) L of water 

(ii) 0.2H g of pnia.i-sium hydroxide dissolved in 1.00 L of water 

9.21 The ionic product of water is 0.11 X 10 ** at 273K; 1.0 X 10 at 298 K and 51 X 
10 '* at 373 K.. Deduce from this data whether the ionisation of water to hydrogen 
and hydroxide ions is exothermic or endothermic. 

9.22 "Ihe solubility of CaFj in water at 298K is 1.7 X 10 ’ grams per 100 cm’. Calculate the 
solubility product of CaFj at 298K. 

9.23 If 25.0 cm’ of 0.050 M Ha(NO,)i arc mixed with 25.0 cm’ of 0.020 M NaF, will any 
BaF: precipitate? K,p of BaFr is 1.7 X 10 * at 298 K. 



UNITIO 


redox R1- A( HONS 


Where there is oxidation, there is 
always reduction—chemistry is essen¬ 
tially a study of redox systems. 


OlUhCTiVES 


In this I sm, vie shall K'arn 

* ch« m«mnp ..f »itd '«■>“'=«<>”' “ 

changes; 

< . <*lectrode reaction and describe an 

* to write the equation t«r an ciecu^ 

electrochemical cell, 

^ , . . ri-Mi* f „ ,.*11 nn concentration and temperature; 

* the dependence of 1‘Ml- of a cell on 

* the phenomenon of electrolysis; 

f .1 „:^afion number of an element m a 
the deictminatiofi of oxidat 

ciimjHHim); 

i , frtc balancing a chemical equation. 

* the me of the oxidation number for 
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You MUST HAVE COME ACROSS vanous types of reactions by this time. We know 
that oxygen reacts with carbon, sulphur and phosphorus and forms carbon dioxide, 
sulphur dioxide and phosphorus pentoxide respectively Similarly hydrogen reacts 
with oxygen and chlorine and forms watei and hydrogen chloride. Such reactions 
fall in the category of a specific type of leactions called REDUCTION-OXIDATION or 
REDOX reactions. According to early views, oxidation was defined as the addition of 
oxygen or the removal of hydrogen Similarly reduction was defined as the addition 
of hydrogen or the removal of oxygen. No oxidation process can take place without 
a corresponding reduction These views can be suitably explained by the following 
examples' 



Oxidation 


FejOa (s) + Al(s) AhOiCs) + 2 Fe(s) 

f 

--Reduction-' 

The substance that provides the oxygen or removes the hydrogen is called an 
OXIDISING AGENT. Oxygen, chlorine and iron oxide in the above reactions are called 
oxidising agents. These oxidising agents get reduced during the reaction. Similarly, a 
substance that provides the hydrogen or removes the oxygen is a REDUCING AGENT 
Hydrogen and aluminium in the above reactions arc reducing agent.s. They arc 
oxidised during the reaction. 

10.1 OXIDATION AND REDUCTION AS AN ELECTRON TRANSFER 
PROCESS 

If you burn a magnesium wire in oxygen, you will find a white powder. The reaction 
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can be written as 

2 Mt.(s) -h 0:(B) 2 MgO (s) 

According to early delinitions ol oxidation and reduction, magnesium is oxidised 
as It has combined with oxygen. Now if you consider the formation of magnesium 
oxide based on the eleelionic conligoralion of magne.sium and oxygen, you will find 
that during oxide formation magnesium is converted into its positive ion 

Mg —' + 2e' 

Wbeic have these electrons gone? For answering this, you consider what happens to 
oxygen Oxygen is converted to negatively charged oxide ion. 

O + 2e’ —* 0^' 


Oi 


Oi(g) + 4c'■—► 20^ 


Wc can write . 

2 Mg I- (.0:)i — 2[Mg.O:] — 2 Mg' O'’ 

Similarly we can explain the reaction between magnesium and chlorine 

Mg + (:Ci)2 — Mg'"(.Cl‘)2 

In the above two examples, dcctron.s are donated by the magnesium atom to one 
oxygen atom oi to two chlorine atoms The effective number of electrons of the Mg 
atoms has decreased leading to a net positive charge near the magnesium and the 
effective number ol elections of the chloiine atom or oxygen atom has increased. 
Both the above reactions arc oxidation-reduction reactions or REDOX REACTIONS 
Now wc can explain a redox reaction in terms of electron transkr^ A 
is a^rcaaion in whith eTecirons arc'transfehecljrsim^orie^ri^ctq^^ 

• .»! IJuJCtjOP iv 


.s 1, S', (»' I- C'l .*! ....s...... 

gain..' /.c-ti-.r m u c •...ei..c I i,e i.mcm n wi. .i, accept^ e.eei.on 

(si frdffl md'Other fffhWdfffTTreduce'd'an^ called the oxidising agent or oxidisei. 
The reactant which gives out electron (s) to the other reactant is oxidised and is 
called the reducing agent or reducer. 

Let us consider the following experiment; 

Strip, of line end copper are eleancd with a aand paper J!*'f 

is immersed in a solution ol copper sulphate kept in a ea 

strip is immerserl in a solution of silver n, Irate kept tn beaker B (Fig. lOJ) 

wait for five minules and remove the strips of zinc an copp , 

the surface of Ihc strips. Why do these changes occur on ‘>’'^“^''“^ 0 , ^ 1 ,. 

a redox reaction taking place in these beakers In ariueons solution, CubOr d" 

soTZ into “ =• anTM? ions When a x.nc ..r,p ts d.pped tn copper sulphate. 
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reaction is as follows 


Or 


Zn(s) + Cu'" (aq) + SOi" (aq) — Cu(s) + Zn'' (aq) + SOli (aq) 
Zn(s) 4- Cu'- (aq) — Cu(s) + (aq) 


Oxidation and reduction can be depicted as 

(2 electrons lost) 


Zn+Cu'*(aq) ■ 


Oxidation- 


■ Reduction 


(Cu(s) + Zn^* (aq) 

J 


(2 electrons gained) 



Tig. 10.1(b) Zinc wilt difsnlve and gel convened to Zn^'' Ions and Cu^* Ions will get reduced and would 
deposit on zinc metal (b) copper will dissolve to oxidise to Cl/* ions, andAg* ions will get reduced and 
deposited as silver an the copper rod 

This reaction is commonly described as Zn having displaced Cu^* ions from the 
aqueous solution. Similarly the reaction between copper and AgNOi solution in 
beaker 'B’ can be depicted as follows. 


(2 electrons gained) 

■Reduction—^ 

Cu(s) + 2 Ag* (aq)-► 2 Ag + Cu^* (aq) 

1 . f 

'-Oxidation-' 

(2 electrons lost) 

In the first reaction oxidation of zinc docs not occur unless Cu^' ion accepts 
electrons. Reduction of copper ion cannot occur unless electrons arc obtained from 
zinc, Thus, oxidation and reduction are complementary processes and one cannot 
occur unless the other occurs simultaneously, One reactant is oxidised at the same 
time as the other reactant is reduced. 
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Let us consider the displacement of copper ions from the solution of copper 
sulphate by zinc, The reaction can be represented stepwise as follows; 

Zn(s) —■ Zn-^ (aq) + 2e' (oxidation) 

Cu (aq) + 2e —► Cu (s) (reduction) 

Most of.the redox reactions can be written using two such half equations In the 
equation for the total reaction, t he number of e lectrons lost .must-b&-equal ta.the 
number of electrons gained. This sometimes requires adjustment For example, in 
case of aluminium ract^il disjilacing siWer from a solution of silver nitrate we get the 
following reactions. 

A1 (s) — Al’^ (aq) + 3e' (i) ^ 

"i Ag^(aq)+^e^ —^g(s) (ii) ! 

Before adding these two half equations, we must adjust (ii) by multiplying all items 
by three. By doing so the number of electrons involved in the reduction of silver 
ions equals the number of electrons lost by aluminium atom by oxidation We get 
the final equation: 

Al(s)_^ Al^*(aq) + 3c' 

3(Ag\aq)+e''— Ag(s)) 

A1 (s) + 3 Ag^aq) —' AP*(aq) + 3 Ag(s) 

10 2 REDOX REACTIONS IN AQUEOUS SOLUTIONS- 
ELECTROCHEMICAL CELLS 

We have just seen that when a zinc .strip is dipped in a beaker containing copper 
sulphate solution, copper is deposited over it. The reaction is written as follows; 

Zn(s) —► Zn^^ (aq) + 2e‘ 

Cu^'^ (aq) + 2e '—* Cu (s ) 

Overall reaction. Zn (s) + Cu^^ (aq)—. Zn^'^ (aq) + Cu (s) 

Here, zinc metal is giving out electrons and is in direct contact with Cu^^ ions. We 
can make the same reaction take place even if the copper ions and zinc metal are 
not directly in contact. Let us perform the following experiment. 

Zinc sulphate solution is taken in a beaker and a zinc strip is dipped in it. 
Similarly copper sulphate solution is taken in another beaker and a copper strip is 
dipped in it We now get two sets in two beakers and these are represented as- 
Cu(s)/Cu^^(aq) and Zn{s)JZn^*(aq). Herc.the line (/) represents an interface between 
two phases (e.g., solid/liquid or liquid/gas). Connect copper and zinc strips 
through an ammeter and resistance (5 Ohms) as shown in Fig. 10.2 Ngw cut a strip 
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of filter paper and soak it in a solution of potassium nitrate Put the soaked filter 
paper strip between two beakers so as to have contact between two solutions of 
copper sulphate and 7inc sulphate What do you observe m the ammeter'^ A 
deflection in ammeter indicates a current. This .current is due to the chemical 
reactions taking place in the two beakers. 



During the reaction, zinc atoms go into solution as 'Zrv* ions leaving electrons on 
the zinc strip. These released electrons flow through the external wire, resistance and 
ammeter and reach the copper strip At the copper strip, electrons react with Cu’^ 
and the copper atoms formed will be deposited on the strip. The flow of charges is 
completed by the movement of ions in the two solutions. The sodium and nitrate 
ions present in the soaked filter paper, play a very important role of moving the 
charges between the two half cells. The two strips of copper and zinc dipped in their 
respective solutions are called electrodes and this set-up which generates electricity 
jfrom a chemical reaction, is called a GALVANIC’ CLLI. mg.m'TROClirMlCAL cell. 

I Th£-d ££.trode a t whichc ^idation takes place is 1pnfJj:/e.Jfind the elect codejOidiich 
reduction takes.. plar£.,i! nY?T7^^^ 1n this casc~the zinc electrode is anode because at 
Ft^'electrode, oxidation occurs: 

_ Zn(s)— Zn* (aq) + 2e' 

♦ L Galvani (1786) discovered Ihis type of cell and therefore it goes through his name as ‘galvanic cell’ 
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and the copper electrode is cathode because at this electrode reduction occurs 

(aq) + 2e’— Cu (s) 

We can use different types of cathodes and anodes depending upon the electrolytic 
solutions we take. In this particular cell, the anode must be made of zinc (or else the 
cell would have a.different reaction) but the cathode may be copper or platinum or 
carbon or some other metal that remains inert under these conditions. The deposited 
copper metal over any such electrode will work like a Cu/Cu^'^ system Note that the 
direction of the curr ent is. bym.nnventinn. opnosite to the direction of flow of 
ele ctrons, t his arises" because subsequent disc overies led to the knowledge that 
electrQii&_carry a negative 'chtirge which "agaih is just a conven tio n since a positiv e 
direction had already been defined f or the direction of flow of current. 


10.3 EMF OF A GALVANIC CELL , - 

In the cell shown in Fig. 10 2, a current flows through the circuit which is indicated 
by an ammeter. When a current flows between two points, a difference of potential 
is said id exist between them. T^e potential difference is also given a special name 
ELECTRO MOTIVE EORCE fEMFl This EMF IS the result of redox processes occurring 
at the’ two dlectrodes'of the cell, The EMF of_a cell ’is, in fact, the contribution of 

the'two halfcetls, -- ' ■ *•' -v 

We have seen in Unit 9 that salts, acids and bases dissociate into ions in aqueous 
solutions. Such solutions conduct electricity because the ions (being charged) can 
transport charges across the solution from one electrode to another. What happens 
when a Cu strip is dipped in a solution containing Cu^^ ions. The Cu has a tendency 
to lose electrons and form Cu^^ ions which go into solution. However, in doing so, 
the copper strip develops a negative charge (because the negatively charged electrons 
released accumulate on the metal from the neutral state it started with) and hence 
would re-attract Cu^^ ions. Thus the Cu metal cannot keep on losing electrons and 
eventually an equilibrium would be reached which we can write as: 

Cu(s) Cu^^ + 2e' 


Therefore, 


rCu^^ faQ)1 -K 
[Cu(s)] 


Or [Cu^" (aq)] = K[Cu(s)] = K, 


since we put [Cu(s)] = I and [e-]' — 1, 
following convention^discussed in Unit 9 
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When such an equilibrium is reached, it 

lesulls in a separation of charges about 

which you will Icain in your physics 

course This sepaiation of charges leads 

to d potential being developed between 

the electrode and the solution luom this, , 

we can see that the net charge separation 

and hence the potential dil’lerence at 

equilibrium depends on; 

1. the metal and its ions 

2. the concentration of the ions in the solution, and 

3. tempeiature 


0 

0 

0 

0 

0 


© 

© 

© 

© 

0 


C’u" 

Solution 


We also lealise that il the C'u^‘ ions are removed liom neat the electiode, more 
Cu would get dissolved and vice versa. lithe electrons are removed from the metal 
there would be an inciease in [Cu’‘| ions near the electiode and this would be 
counteracted by [Cu'"] from the solution getting deposited as CTi metal (l,e 
Chatelier’s principle). The tendency for a metal to get oxidised or its ion to get 
reduced to the metal is measured by the equilibrium constant K We can also 
express it in teims of the potential developed between the metal in contact with a 
solution of its ions. Since the potential developed depends on the conccnlralum of 
the ions, we adapt a elandard, namely, a I mol I. ' .solution of ian^. vrt' thus define 
a standard potential for a half-cell. 

Cu^" (I mol L aq) H 2c —^ Cii(s) 


This is written- as a reduction reaction and hence it used to be called standard 
reduction' potential , li-y convention, the half cell has been denoted as an electrode 
and a standard electrode potential is defined as the standard potential for a half cell 
described by a leduction reaction, as given above {Remember an electrode potential 
refers to the combination of an electrode and ions and not just the electrode alone.) 

A half cell by itself cannot cause movement of charges (flow of electricity) since, 
once equilibrium is reached between the electrode and the solution, there is no 
further net displacement of charges. It is also clear that different metal/metal ion 
combinations would have different electrode potentials; hence we should combine two 
half cells in such a manner that the electrons removed from one electrode (or half cell) is 
fed into the other electrode (by an external conductor). 1 hen it could so happen that 
in the first electrode the equilibrium is shifted to the left. 


And in the second electrode the equilibrium is shifted to the right. 
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+ e' Mz 

In so doing we can establish a situation where 

M 2 ' +M,—* M 2 + M 1 ' 

occurs because the free energy change in such a combination is less than 0 

A single electrode potential itself can never be measured directly since as soon as 
another metal conductoi is put into the solution it will set up its own potential An 
electrode potential therefore has to be measured against some rejerence standard. 
The standard reference electrode against which all other potentials are measured is 
the STANDARD HYDROGEN El FCTRO'DE (Fig. 10 3) The electrode potential of this 
electrode is assigned a value of zero 



In a standard hydrogen electrode, a platinised platinum ^electrode is dipped in 
1 molL ‘solution of hydrogen ion to be exact (HsO^) at 298 K and pure 
hydiogen gas, maintained at one atmospheric pressure, is bubbled over the platinised 
platinum electrode. Platinised platinum acts as a catalyst to increase the speed of 

attainment of equilibrium between Hz and H 3 O 

For measuring a standard electrode potential a half cell, that is, the electrode 
formed by metal/metal ions (with a metal ion concentration of 1 mol L ) is 
connected to a standard hydrogen electrode via a salt bridge (Fig. 10.4). A salt 
bridge is to provide a low resistance electrical connection between the two half-cells, 
without any additional difference in potential being developed at the various other 
junctions, such as solution in half-cell (l)/salt bridge/half cell (2) At the same time 
the two half cells are physically separated For preparing a salt bridge agar-agar is 
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2')n 



Fig. 10,4 Measurmem of standard electrode poienilol 


dis,solved in a hot aqueous solution of KNO.i or KCl and filled in a U-shaped glass 
tube. On cooling, the agar-agar solution becomes solid and can be used conveniently 
as a salt bridge The potential difference developed is measured using a potentiometer 
or high resistance voltmeter Since the hydrogen electrode is arbitrarily assigned a 
potential of zero, the entire cell EMF is ascribed to the connected electrode In this 
assernbly if the measured voltage is such that the connecicc/ electrode forms the 
negative side of the cell, it will he allotted a negative electrode potential and ij it 
forms the positive side, it will be allotted a positive electrode potential The standard 
electrode potential for Cu(s)l Cu^'(aq) (I mol L ') is -V 0 34 V and for Znl2n~*(aq) 
(1 mol L-"') IS — 0.76 V This means that the standard ZnjZn^* electrode will be the 
negative side and the standard CujCu^' electrode will be the positive side when 
connected respectively to a hydrogen electrode (Fig, 10,5) 

The values of some standard electrode potentials at 298K are given in Table 10.1, 
(The electrode potentials arc often called standard REDOX POTENTIALS). In 'I able 
10.1 the elements are arranged in a senes. This arrangement of elements in a series is 
sometime called ACrivuY SERIES. By using this series, we can compare the reducing 
and oxidising capability of a particular element. A metal higher up in this scries is a 
better reducing agent in aqueous solution than one that lies below it. Thus zinc can 
displace tin, lead, copper and others below it from aqueous solutions of their salUs. 
However, under the same conditions tin cannot displace Zn from a Zn^* solution. 
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ourremiiDw 



Hi (8)/HiOVaq) 0 mol L'*) Cu(s)/ Cu’*(flq)(l mol.L *) 

(b) 


hig, 10 5 Determining vandard electrodepotentt ' - - i. ■ i (») zn (i;/Zn'‘* 

(aq) forms negative side of the cell and therefore • ■ , 'c/(b) CuCtJ/Cu"* 

(aqj forms positive side of the cell and therefore is given positive elecirode potential 

Wc have just seen that a metal in contact with its ions forms a half cell and 
when we join two half cells together with the help of a salt bridge,'we get an 
electrochemical cell For example, Daniel cell is made of two half cells' Zn (s) / 
Zn'‘‘(aq) and Cu/Cu‘*(aq) In => '^^11. ti^^ fPii m 

oxidation takes place is written on the .left hanrL&ide.jmd the electrode becomes the 
a~node. and the other half cell in which reduction occurs is wa llen on the riphl-hand 
sT3e^and the electrode irecomes tne cathode VV hether a particular electrode will 
work iiis~cathoc}'e"o"r"ahode"rn a combination, will be decided on the basis of its 
electrode potential. Daniel cell is represented as 

Zn(s)/Zn-*(aq) ' || Cu'" (aq)/Cu(s) 

— (Anode) + (Cathode) 

- indicates interface between two different phases such as solid/solution or 
gas/solution 

indicates a physical separation but with electrical conductivity such as a 
porous pot, salt btidge, etc 


TABLE 10 i 

Standard Elecirode Potentials at 298 K 

Elements Elecirode Reaction (Volts) 


Li 

K 

Ba 


Lr(aq)+e‘ ->■ Li (s) 
lC*(aq) + e' —► K(s) 
Ba’*'(aq)+ 2e" _► Ba(s) 


-3.05 
-2 93 
-2 90 
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Elements 

Electrode Remtton 

A “iss (f'olti) 

Ca 

Ca^'faq) + 2c‘ 

-* Ca(s) 

“ 2 H7 

Na 

Na'(aq) + E 

-* Na(q 

-- 2 71 

Mg 

Mg‘*(aq) + 2c 

— Mg(s) 

' 2.37 

A1 

Al’'taq|F.tc 

Al(s) 

- 1 66 

Hi 

2HiO+2e -* 

H;(g)F20H (aq) 

- 0,K3 

Zn 

Zn-'F2e -* 

Zn{s) 

- 0 76 

Cr 

Cr''(jq)+3c - Cr(s) 

0 74 

Fc 

Fc‘’(aq) F2c 

- Fc(s) 

0 44 

Cd 

Cd‘'(aq)+7i: 

- Cd(s) 

• - (MO 

Pb 

Pb.SO,(s)+2e 

— Pb(s)+SO: (aq) 

- 0 31 

Co 

Co‘‘ (aq)F2e' 

— Co(s) 

“ 0 28 

Ni 

Ni^*(aq) + 2c 

Ni(s) 

- 0 25 

Sn 

Sn*' (aq) 4- 2e' 

— Sn(s) 

- 0 14 

Pb 

Pb'* (aq) F 2c 

^ Pb(s) 

0 13 

Hi 

2H* (aq) + 2e 

— H'(g) (standard electrode) 

0 00 

Cu 

Cu^' (aq) 2c 

- (•u(s) 

1 0.34 

h 

1:(S) + 2c 

21 (aq) 

F 0 54 

he 

Fe” + e -* 

Fe'' (aq) 

1 0 77 

Hg 

Hgj' (aq) •+■ 2c 

- 2Hg(l) 

4 0 79 

Ag 

Ag (aq)-Fc 

— Ag(sl 

1 0 8(1 

Hg 

Hg'’ (aq) + 2c 

- Hg(l) 

t 0 85 

Bo 

Hr; (aq) F 2e 

- 2Hr- (aq) 

1 1 08 

Oi 

iAO!(g) + 2H,()'(aq)-l 2c — JH.O 

4 1 23 

Cli 

Cl!(g) -t 2e - 

- 2C1 (aq) 

F 1 36 

Au 

Au'* (aq) + 3c 

-• Au (s) 

4 1 42 

Mil 

MnOi (aq) + 

8H,0‘ (aq) + 5c 



— Mn‘* (aql 

1+ 12H;0(I) 

1 1 51 

Fi 

r.qg) -F 2e' -1 

2F"(aq) 

t 2 87 


The EMF of the cell in the standard state. F°, is expressed as 

E° = E^ighi — E°ici( 

The cell reaction of a Daniel cell is' 

Oxidation Zn (s) -* Zn^"{aq) + 2e" 

' Reduction Cu^'*(aq) + 2e -- Cufs) 

Overall: Zn(s) + Cu^" (aq) -* Cu(s) + Zn^’ (aq) 

Here E%m and E\n are standard electrode potentials of the right and left electrodes 
(or half cells) respectively, (The superscript o denotes standard state). In the Daniel 
cell, standard electrode potential of Zn(s)/Zn^* (aq) (1 mol L'*) is — 0,76 V and that 
of Cu(s)/Cu^^ (aq) (1 mol L"') is + 0.34 V, then 
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E°ceii = E“n8h. - E°i.ft = 0.34V - (-0.76V) = 1 lOV 


If you see Table 10.1 carefully, you will find that standard electrode potentials 
correspond to reduction reactions. This is why earlier they used to be mentioned as 
STANDARD REDUCTION ELECTRODE POTENTIAL For the reactions which are written 
in the opposite way, i.e , as an oxidation reaction, the electrode potential was 
referred to as STANDARD OXIDATION ELECTRODE POTENTIAL. This potential will 
have the same magnitude but opposite sign as compared to the reduction electrode 
potential For example, if the reduction potential of the electrode, Zn/Zn^^ (aq) for 

the reaction, Zn^"' f 2e' -► Zn(S) is then its oxidation potential for the 

oxidation reaction, Zn(s) —^ Zn^^ (aq) T 2e will be + 0.76 V Tabulation of 
electrode potentials as standard reduction potentials and standard oxidation poten- 
ials is no more in practice. According to the International Union of Pure and 
Applied Chemistry (lUPAC), the term ‘standard potential’ should be used for the 


reactions written as reduction reactions. 

We can take various combination of half cells and construct a number of electro¬ 
chemical cells The EMF of such cells in standard state can be calculated using the 


Similar to metals, the standard electrode potential for non-metals that produce 
negative ions in aqueous solution can be determined The standard electrode poten¬ 
tial of chlorine can be determined by using an electrode consisting of chlorine gas at 
one atmospheric pressure in equilibrium with IM solution of chlorine ion, Cbfg) 

2 e' __ 2Cr (aq). The standard electrode potential of bromine, iodine, etc. are 

also given in Table 10.1 along'with the standard electrode potentials of metal/metal 

ions. . .... . 

For metals of variable valency, the redox potential for one ion m equilibrium 

with another of different charge can be determined. For example, iron exists in two 
forms. 

Fe'" and Fe'" 


The redox potential of the system. Fe^^(aq)/Fe’^ (aq) is obtained by measuring the 
EMF of the cell given below with Pt wire being the inert electrode. 

Pt, H 2 (g)/H 30 ^(aq) II Fe'laq); Fe>q)/Pt 


10.4 DEPENDENCE OF EMF ON CONCENTRATION AND TEMPERATURE 
The way in which the electrode potential of a metal is related to the metal ion 
concentration and the temperature is given by the Nernst equation 
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E = E“ + ^ln[M""(aq)] 

Here E is the electrode potential, E° is the standard electrode potential (for a molar 
solution of a metal ion, M"^ at 298K), R is the gas constant and is approximately 
8.31 JK"'mol'', T is the tcmpcratvfre in Kelvin, n is valency of the metal, F is 
Faraday (=96.50() Coulomb), In represents natural logarithm (to the base e). The 
above equation can be verified by measuring the electrode potential at different 
concentrations of the metal ion by connecting the metal/metal ion half cell via a salt 
bridge to a standard hydrogen electrode. Let us consider the Daniel cell once again, 

Zn(s)/Zn'" (aq) 11 Cu'" (aq)/Cu(s) 

The electrode potential of the right half cell. 


Enjhi = E°„ghi + -^In [Cu^‘ (aq)] 


Now cell potential E can be written as 

E = Engh.-Ei.,. = E“ng,u+ ^ln[Cu>q)]-|E‘’,cu+ In [Zn'*{aq)]} 


-/po _po ■j + RI 

(E n,h. E 2 f>" ^zn'’(aq)]. V 

After substituting the value of the standard electrode potentials and converting 
natural logarithm to the base 10. 

E(m Volt s) = 1.1 + -^^l 08 

T = I 1 . O.OW . [Cu'*(aq)l 

V _ • 2 g [Zn^^(aq)] 

at 298 K (with values substituted for R, T, F). 

Suppose we take the concentration of copper sulphate solution as 0.01 M and 
that of zinc sulphate as 0.1 M at a temperature of 298 K. The EMF of the cell can 
be calculated by substituting the value of R, T, n, F and concentrations of and 
Zn^^ ions in the above equation ;■ • 


Here, 


[Cu'Vl)] = 0,01 M and [Zn^' (aq)] = 0 1 M 

E = l.l+0^1og|M’ 

= 1.1 +0.0295 log-j^ 


Therefore, 
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r . — 1-1 — 0 0295 = 1 07 V 

In the Dmiiel cell the V3.1ence of thp ‘ymr- r%*\A « 

take Ni/NP^ (aq) 11 Ag"" (aq)/Ac ceil in which ‘ 

two half cells are different. ^ metals used in the 


Ni(s)/Ni^\aq) 

Cell reaction can be written as 


Ag*(aq)/2 Ag(s) 


or 


and 


Ni(s)+ 2Ag"(aq).-- Ni^"(aq)+2 Ag(s) 

The electrode potential of silver and nickel half cells are given by 

EAg= E°a 8 +-^ In [Ag'(aq)], n = 1 

EAg=E°Ag+|I in[AgVq)]' 

En, = E%, +1^ In [Ni'*(aq)], n = 2 

the electrode potential of Ag/Ag"(aq), we have to be careful in substituting 

,the value of concentrations and valence During the reaction, two electrons J 
released from one Ni atom and therefore reduction of silver ion, i.e , Ag"" + e' - Ab 

the electrons. But remember, by ’multiplying by 2 
the ^alue £° Ag remaim urtchcinged^, ' 

deposited and Ni^^ ions are formed. The 
cMr ol the cell under these conditions is written as 


E (in volts) = Er„h. - Ew, 

RT RX 

- Ei, + 2 P In [Ag^ (aq)f - {E&, +^ln [Ni"^ (aq)]} 

= (Ei, - E&.) + ^ In [ Ag'(aq)]' 

.2E. [Ni^Vq)] 

= 1.05 + 2.303^ log 

2F [Ni^aq)] 

[Here, E5(, - Efi.Ts equal to [0.80 - (- 0 25)] = 1.05V} 

Thus, the expression for EMF for a ceil can be worked out depending upon the 
reactions occvlrring in the two half cells and the concentrations of the reactants. 
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10.5 ELECTROLYSIS 


In the electrochemical cells we have an example in which chemical energy is 
converted into electrical energy, In fact there i,s a relationship between the change in 
free energy of the cell reaction and the EMF of the cell. 

For a Daniel cell; 

Cu'X Cl, aq) + Zn(s)__ Cu(s) + Zn^* ( c j. aq) 




2F 


In 


AG = AG° + RT In 


and 


AG =-nEF 


[Cin 


O 


This is not surprising since we had in Unit 8 described the clmne c in fr ee energy 
as t he maxim um availahle wnrif and one oft^ best Ways to tap all thc'avalTaBle 
cKcmical energy is to set up an electrochcnucSt~ccl4->.aiid discharge it, drawing 
extremely small currents. 

In reverse,, the passage ofelectricity through‘electrolytes may caiisc chemical changes, 
under some conditions. For example, Humphrey Davy (1807) isolated the element 
potassium by passing an electric current though molten potassium hydroxide. In 
solid potassium hydroxide, even though K* and OH ions exist they are not free to 
move. When the salt is molten, tlic ions and OH are free to move and they 
conduct the electrio|ty. The positive ions move towards the cathode where reduction 
(addition of electrons) dan take place 

+ e —• K (metal) 

and the negative ions move towards the anode, where oxidation takes place 

20H' — H 2 O + 'AOi + 2e“ 


The p assage of electr icity through,£]£ctt«tytcs™teadm.g-U3jhem]cal chqng^es,is _knoym 
as jj.,^2£pi^sis’and~nirceiriii which electrolysis occtjxaJs known as--an-£U2Ci:xa.—- 
LYTIC CElX~~ ii fany other metals such as Na, Ba.Sr, Ca and Mg can he isolated 
in a similar manner. 

To understand the phenomena of electrolysis, let us lake solid le ati h uumde in a 
silica crucible and inserftwo graphite electrodes (these may be obtained from used 
torch cells). A D.C. voltage source, say two torch cells connected in senes arc 
connected through an ammeter to the electrode (Fig, 10.6). No current is observed. 
The crucible is heated and when the solid is molten a current passes and a red 
brown gas (bromine) evolves at the anode and metallic lead deposits at the cathode. 
The following reactions occur at the electrodes during the electrolysis: 
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At the cathode . (reduction) - Pb^^(l) + 2e’ —> Pb(l) 

At the anode ; (oxidation) : 2 Bt(l)—> Br 2 (g) + 2e: 



(+) 

at cathode = reduction = Pb' + 2e‘ — Pb (s) 
(-) 


Fig. 10.6 Electrolysing molten lead bromide 


Since positively charged ions move to the cathode in an electrolytic cell they are 
known a.s CATION.S Negatively charged ions move to anodes and are called ANIONS 
A few cations and anions are given below 

■ Cations = Na\ L^, Ca^^ Af^ 

Anions = SOl , OH', Br', I', Cf 

If a beaker of water with two graphite electrodes are connected to two torch cells 
in,series (an arrangement similar to that shown in Fig 10 6), the ammeter will not 
show a measurable current. This is because water is a poor conductor of electricity. 
Addition of a few drop-s of dilute sulphuric acid makes the solution conduct 
electricity and at the anode, oxygen is produced and at the cathode, hydrogen is 
produced (Fig. 10.7). The volume of oxygen produced, if measured carefully, is 
found to be half that of the hydiogen. In fact this observation enabled early 
scientists to confirm that the molecular formula of water is H 2 O. It is sufficient to 
say here that the reactions at the two electrodes are: 
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2‘)h 

Cathode : (Fteciiiclion) 2H*(aq) t 2c' -- 
Anode ■, (OMdiition) 2t)H (nq)HAMU t liC.'Cg) ( 2e 

Why OH is oxidised aiul not SOi which is prescni m (he acidified water can be 
understood by constdling ihe standard tedox ptilcntiul table but we will postpone 
this discussion to the next year. 

The extent ol a chemical reaction W'ill depend on the amount of electric charge 
transported through the cell (this will be proportional to the current and the time 
for which it was passed) and the chemical leaciion (whether the redox leaction 
involves one or more electrons), Michael Faraday (1X3.")) emineiuted his famous laws 
of electroly.sis that relate the extent ol chemical change lO the current, time of 
passage and the chemical reaction and we shall discuss them in tlic higher classes. 
Electrolysis plays an important role in indiistiy. Besides production of hydrogen, it 
IS used m ihe production ol sodium, potassium, magnesium, pure copper, aluminium 
and non-meUiK such as chlorine. Ii is also used in the production ol heavy water 
(DjO). Main oigamc redox teaclions ate earned out by eleclrolysis. 


10,6 OXIDM ION N'TMUl R 

The concept' ol oMdation and re¬ 
duction in ter ms ol elcciion trans¬ 
fer which we discussed in seclion 
10,1, can be applied conveniently 
to ionic reaction. However, we 
cannot easily explain redox chan¬ 
ges in terms ol electron iiansfer 
where covalent compounds arc 
involved. For convenience, che¬ 
mists have adopted an arbitrary 
system for treating oxidation-reduc¬ 
tion phenomena in either covalent 
or ionic substance.s This system 
requires introduction of a term 
OXIDATION NUMBER (or OXIDA¬ 
TION STATE]). ThsLStWfliS&ittOXida-: 

tion juimbfir oC an pl?jn?.n,h in¬ 
dicates that oxidation or reduction 
has occurred. The oxidation nunt- 
' her is a charge assigned to an atom 
of a compound or of an ion accord- 
ing to some arbitrary rules. (This 



Ftj. 19.7 An apparatus for electrolysing acidified 
tvoier 
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number is fictitious in case of covalent species This number is roughly equivalent to 
the .n^ber of electrons, in the valence shell of an atom, that are gamed or lost 
cornizleteiyofTQ-yTgig^xtenrbymrgtoTirwhileiigrimg^l^ 


Rules for Assigning Oxidation Number- There is a set of rules to assign oxidation 


number to any atom, molecule or ion The rules are as follows- 




1. The ^x ida tio ji. rium ber of an e lement in its elemental form is 0 jlFor'^ample, 
Hj, P 4 , Sb, O 2 , Fe, Bra and Ag have oxidation number zero 

2 The oxidation number of an element m a single (monatomic) ion is the charge 
on the ion For example, has an oxidation number-Fl, Ca^'^;+2,A1^* + 3, 
and cr : — I 

3 The oxidation number of elements in compounds or in compound ions is 
calculated in the following manner 

( 1 ) Hydrogen is assigned oxidation number + 1 and oxygen is assigned 
oxidation number —2 in almost all their compounds The exceptions 
occur when hydrogen form s com pounds, with active metals called ‘metal 
hydrides , e.g., jQaHy ia Vid l|i^.^ these compounds , hydrogen 




has an oxidation number of-—1 


_Similarly exceptions o ccur in case of 

Qxveen wheh'It''forms - neroxide a nd fluoride In case 0! Na^ O^so dium 
^JifiTOXide) anfdTTzO^he oxidation number of oxygen r^SCTfiTcase of 
yOEi, oxygen li^ anTo xidation number of +2. 


(li) 


uorme is the mo st electro nega tive eleme n t and i s.assigned an oxidation 
number if —1 nTxall its comp ounds . For other halogens the oxidation 
number is always —J_ except when they ar c boii ded to a jnore elec- 
tronegative halogen or (^ygen For examp le. iti- J,^7Jthc oxidation numbe r 

iodineW^~’i^ J ' 


(iii) The oxidation number of the alkali metals is +1 in all their compounds 
and the oxidation number of the alkalirte earth metals is +2 in all their 
compounds. 

(iv) The algebraic sum of the oxidation j nirpber of all atoms in a n eut ral 
molecule is zero. If the substancp i^L.au_ton-i.nnL‘i 'h.i:. a molei'uli'. die 

egjial the charge^omthe ion. 


By applying these rules we can calculate the oxidation number of any element in 
a molecule or ion. For example, in H 2 S there are two hydrogen atoms and each has 
an oxidation number + 1; therefore the oxidation number of sulphur is — 2. In 
sulphate ion, SOj”, each oxygen has an oxidation number of — 2. So counting all 
the oxygens, we get 4 X (— 2) = — 8. The oxidation.number of sulphur must be + 6 
in order that the algebraic sum of the five atoms in SO 4 ' be equal to (+ 6 - 8) = 
—2, the charge on the ion. 
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Example 10.1 

Taking, the help of the rules given on page 299 calculate the oxidation number ot all 
the atotns in the following compounds and ions. 

CO:. SiO:, Na,PO., CIO 4 . CnOl , PbiO^. CHjCl: 


Solution 


Oxidaium numher (Knl.itioii tiimibcrnf 

___ __ alums 

COj ^ tact) oxygen—2 total charge (“ 0) ■- (loial oxygen -41 O 2 

jgyV Total oxygen ■--4 ---- ~ - 

' Carbon -44 C I 4 


SiOj c Fach oxygen -2 total charge ( 0) ■ (total oxygen 4) O 2 

Total oxygen = -4 ....... 

'"i'Siltcon - t 4 Si 14 


NajPOr^ each sodium +1 
total sodium +3 
^ ’ each oxygen - 2 
Total sodium + 
oxygen ~ -S 


total charge ( " 0) ■■ (total sodium t 
oxygen •' -5) 


Phosphorus ■- t-5 


Nn t I 
t) ? 

P t S 


ClOl..^ each oxygen—2 total charge (-' I) -(total oxygen t) 2 

Total oxygen -~-8) 

/V _____ 

Chlorine--+7 Cl t 7 


CrjO 1 pr each oxygen —2 

Total oxygen =—14 

^ '""w 


total charge (—-2) - (total oxygen 14) O 2 


total chromiunn = -H2 

each chromium = +6 Cr + 6 


Pbj04 

y% 


each oxygon —2 
total oxygen = —8 


total charge (= 0) — (total oxygen —8) 


Total lead - +8 
each lead = + ~ 


O -2 



CHjCI],^ each hydrogen -t-l 
yV '! total hydrogen +2 
■iy . each chlorine — 1 
,p total chlorine — 2 

Total charge (= 0) ~ (tolal hydrogen 4 
chlorine =0 

H f 1 

Cl ~l 

Carbon = 0 


|: 0 \ 

rf total hydrogen 

+ chlorine = 0 


! 
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10 6 I Redox Reactions in terms of Oxidation Number 

A leaction will be considered as a redox reaction if there is a change in the 
oxidation number Let us consider the reaction between zinc and hydrochloric acid. 

Zn(s) + 2 HCl (aq)-- ZnClafaq) + Hifg) 

or Zn(s) + 2 H"(aq)-- Zn'*(aq) + Hzfg) 

In this reaction zinc is converted into Zn^'^ (aq) by giving out two electrons and is 
oxidised. ion accepts electron and therefore is reduced Zinc is the reducing 
agent and is the oxidising''agent Now let us consider this reaction taking the help 
of oxidation numbers. 

We find that the oxidation number ot zinc increases, from 0 to +2 and it is 
oxidised. Also, the oxidation number of H"' decreases from (+1) to'O and it is 
reduced. Thus we conclude that oxidation is an increase in oxidation number and 
reduction is a decrease in oxidation number For further illustrating this, let us take 
a few more examples and calculate the oxidation number of the concerned element 
to decide oxidation and reduction. 

2 Hl(aq) + Ch (aq)-- l 2 (s) + 2 HCl(aq) (a) 

Change in oxidation numbeis: 1 = —1 to 0, Cl: 0 to - I: H + I to + I 
(no change) 

3Mn02 + 4Al-- 3 Mn + 2 AbOi (b) 

Change in oxidation numbers' Mni + 4 to 0, A1 = 0 to 3, 0 — 2 to - 2 

2Mn04 + 10 Cr+ 16 -- 2 Mn^^ +5 Cb + 8 H 2 O (c) 

Change in oxidation numbers. Mn- + 7 to 2, O - 2 to - 2, Cl' - I to 0 
On the basis of the oxidation number we find that in equation: 

(a) Iodine inJHIjSJlsislised and chl grme is reduced ,' 

(b) Mang^fteiic^in MnOi is Feduce<lflng~aluni irmim is oxi djsed, 

(c) Manganese i n MnO^ is reduced and^Cl is oxidised. 


10.6.2 Oxidation Number and Nomenclature 

The Roman numerals, used m the naming of eompounds of metals 
osidalion numbers of these elements. 

“oSt “tTwhiehtho?i;‘i;™L%X™ state or 
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potassium dichiumuu; (VI); (’rj). as thutnimin (lit) omcIl-, Na-C'rOi as ^o(llllm 
chromate (VI). as non (ill) Miiphalc; I cSO, as itoii (II) stilpluuc, etc 

Stock m>tation is not geiicialls \iscil lot mm-mctals t ompmiiuls such as I’t’l. 
and I’C'h arc dislinguishcd h_\ names phosplioius ii icliloiuic .uul pliusplnnus 
pentachloiidc icspcctivelv 

10.7 HAl.ANt INC; 01-OXIDAIION kllU'CtlON I (Jl A I lO\S 

I 

You must liave seen lliat hidaiicinp ol iedo\ et|uaiioii in electrochemical cells is eas\ 
and can be done by simple iiispeclion. Such rcaeliuns ailually occiii in tun steps 
and we denote them b), ni o lnil( a’lh Oxulatuiu olcuis in one hall cell and 
reduction occurs in the oihei half cell We take the help ol hall ei,]uatinns m 
balancinji non-electiochemieui leaciions as well, mespectise ol whelhei the total 
reaction occuis in two steps or not. I'm hahnti mh/i latox u-Oiiions' 
wc Ji)st wnit' the hulithit'tl half viimiimi, 

tlu ‘11 the half (‘quatiniw are c mnhttwil m piinlm c a hahan vd recn limi equaiioii 
Foi haluncmp a redox leaction. there are some peneial rules which should be 
lollowcd 

(t) I he molcculai loiniula ol the oxidrsinp and reduemp aperrts and the loinuil;i 
of the reduced and o.xidisetl pintiucts shoulil be known, 

(ii) fire law ol coiiscit.ition ol mass should not be violated, i e.. the number of 
atoms of each element on one side ol the equation must be equal to the niimbei ol 
iitor,i.s ol the cortespondinp elements on the other side 

(lii) C'onservation ol cliarpe should not be violatcti, .All tire electrons piotlucet) in 
the o,xidiUion hall reaction must he used up In the reduction hall reaction 

Oxidation-reduction leaclions occur in acidic, basic or nculial solutions I he 
method ol balancing redos reactions lor acidic and basic solutions arc sliphtK 
different. If IT. or any acid, appears on cither side ol the equation, the le.iction 
takc.s place in acidic solution. I( OH . oi any base, appears on eiihci side o| the 
equation, the .solution is basic, II ncithci H‘, OH nor any acid oi base is picseiu. 
the solution is neutral 

For illustrating the method ol balancing a redo.x reaction, let us take the leaction 
between iron (II) ions and dichroinaie ions in acidilicd solution and biilaiicc the 
equations resulting liorn the equation; 


CrjOi 

Let us proceed stepwise 


I be” f H’" Or" F Fc" t H d) " 
.1 -T- lb 'V • 


Step I. Find the elements whose oxidation niiinhei i are c hanged; 

CvzOi^ (oxidation number of Cr = -F 6) is converted into C'l" (oxidation mimber ol 
Cr = H- 3), Also Fe"' (oxidation number of Fe -- -F 2) to Fe" (oxidation number ol 
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Fc = +3). Thus 

Oxidation 

Reduction: CrzO?-- 

Step 2' Balance each half equation separately 

Let us lust take the reduction half equation for balancing 

Cr207-'_ 

(a) Balance half equation for all atoms othei than H anti 0‘ There are two 
cbromium atoms on the lelt, one on the right Therefore 

CnOY __ 2 Cr'" 

(b) Calculate the oxidation nuinbei on the left and on the right. Add electrons to 
Whichever side is necessary to make up for the difference: The oxidation number of 
chromium on the left is +6 and on the right is+3 Each chromiumatom must gam three 
electrons. Since there are two chromium atoms, six electons will be needed 


Ci20r + 6e 


2Ci' 


(c) Balance the half equation so that both sides will have the same charge Since 
reaction is taking place in an acidic medium, H' ion will be added to account for the 
extra positive cliarge on one side or the othci The total charge on the left is ~8, on 
tlic light -f- f). I'hcicl'oic, I4H* ion will be needed to balance the charge. 

Cr;07 + 14H' + 6e_ .2Ci’' 

(d) Add water molecules'to complete the balancing of the equation. Since there are 14 

hydrogen atoms and 7 oxygen atoms on the left side, THjO is required on the right 

Cr 20 ^ +14H* + 6e' —'2Cr^* + VHjO 

Now it becomes a balanced half equation Check again for the number of atoms and 

charge , 

Let us now apply the same .steps to balance the oxidation half equation. 


Fe" 


Fe' 


(a) Balance all the atoms other than H and 0 ' It is not needed as it is already 

(b) Add electrons to whichevei side is necessary to make up fat the dijjerenie n 

"'^'oStUirnumbcr of Fe is +2 on the left side and+3 on the right, therefore one 
electron is needed 


Fe- 


Fe'*^ + e 



.M)4 


CFII'MISI RY 


(c) Baliiini' ll’c ‘Ilii.s is aln-atlv doni.' (tioili sides lia\e a total chaigc of 

-I 2). 

(d) Aihl wuwr In view ol oxyjtvn and hydioj-en beinji absent, this step is not 
necessiu V. 

Sie[>J. Add iHo balanced half equuti(>n.\ loj^cihcr /Icfnrc dninK this, ensure that 
ek'cirnns produced in oxidation are equal to the elections used in reduction. If 
/H’ces\an)nudliply the half equation b\ suitable iiiinihers. 

Oxidation; b x (he ' - -- 1-e" (• e ) 

Reduction;lx(6e t 1411' t CnO-'' - K'r" I 7H.()) 

Adding'6/+ 6he" I I4H' 1 CrAh- -Me” I 2n" I 7H,.() + b/ 

The final balanced equation is- 

6I-e'‘ I 1411' 1 C’r f) - - 6H-” t ’Cr” I 7|I () 

Example 10.2 

Hiilanee the lolluwiiii> equation in a b.isie solution 
NO. I /.II •/n“lNH; 

Solution 

Let us do this problem in shoil. 

Oxidation /ii '/n ' 

Reduction. NO\ • NHl 

1. First lake the oxidation hall equation 

(a) balance all atoms other than H and O.alrcath dune 

(b) Add electrons to make up lor the dilleience in oMdalion number 

/n * / n ‘ t 2v 

(c) Balance the charges; already done 
(step (cl) IS not needed) 

2. Let us lake the reduction half equation 

NO, ----- MU 

(a) Balance all the atoms other than ll and O done 

(b) Add election to make up lor the diireienee m oxidation iiumhei (N liorn 
oxidation numbei +5 changes to oxidation number 2 Dilfcience ol H electrons). 

NO. I Ke - -Nil.; 

(c) Balance the charges; In basic solution, OH ions aic needed to aecutitU lor extra 
negative chaiges, Total charge on leli is 9, on the light it is 1 1. ‘Iherduie,icn 
OH are needed on the right, 

NO, I- He.Nlli t 10 OH 

(d) Add watei molecules to complete balancing. 

NO,-|-7Hd) 1 8c -- NH.;-F 10 OH 
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3 Check tliat the half equations are balanced both in mass and charge and that 
electrons appear on opposite sides of the two equations 

4 4(Zn-. Zn^" + 2 e') 

l(Be + 7H2O + NOi_►NHi+lOOH') 


•Ti r ^ , 4Zn+8^ + 7 H 2 O+NO 7 -^4Zn^^ + NH^ + 10 OH' + S/T 

I he linal balanced equation will be 

4Zn + 7 H 2 O + NO 3 -►4Zn^'' + NHj + 10 OH" 

Oxidation-reduction reactions are the basis of many applications of chemistry in 
human activity. Some examples are 

( 1 ) Metal oxides are reduced to metals by using suitable reducing agents. 
Fe20i IS reduced to iron in a blast furnace using coke AI 2 O 3 is reduced 
to aluminium by cathodic reduction in an electrolytic cell 

(ii) Electrical energy demand in a space capsule is met out of reaction 
between hydrogen and oxygen used in fuel cells, which are electrochemical 
cells with hydrogen and oxygen electrodes. 

(ui) Photosynthesis is an important process through which green plants 
convert carbon dioxide and water into carbohydrate in the presence of 'light, 

6 C02(g) 4- 6 HzOd) -i^g!lc6Hi206(aq) + 6 02 (g) 
chlorophyll 

Here CO 2 is leduced to a caibohydrate and water is oxidised to oxygen, with light 
providing the eneigy required for this reaction. 

(iv) Oxidation of fuels is the most important source of energy that meets our 
daily needs 

Fuels (wood, gas, kerosene, petrol) + O 2 —► C02 + H 20 +other products + energy.. 
In living cells, glucose, CeHnOo is oxidised to CO 2 and water in the presence 
of oxygen and energy is released: 

C(,Hi 206 (aq) + 602 (g)-- 6 C 02 (g) + 6 H 2 O (1) + energy. 


EXERCISES 


10.1 Write thcyfollowing redox reactions using half equations, 

(i) Zn{s) + PbChfaq)-- Pb(s) + ZnChfaq) 

(ii) 2 Fc’" (aq) + 21 ' (aq)-.Hfaq) + 2 Fe’" (aq) 

(iii) 2Na(s) + Cljfg)-» 2NaCl (s) 

(iv) Mg (s) + Cl 2 (g)-" MgCbfs) 

(v) Zn(s) + 2H"(aq)-- Zn'" (aq) + H 2 (g) 
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10 2 In the reactions given in the above question mention 

(i) Which reactant is oxidised? To what? 

(u) Which reactant is the oxidiser? 

(lii) Which reactant is reduced’ To what? 

(iv) Which reactant is the reducer? 

10 3 Write correctly balanced equations foi the following redox reactions using half 
reactions: 

(i) HiS + Fe’^— Fe’* + S + 

(ii) 1 +I05 + H*—'Ij+HiO 

(ill) Bi(S) + NOj + H"—;N02 + Bi’* + Hi0 
(iv) r + 02(g) + HiO,-;— I 2 + OH 
(V) Cu(s) +Au'—Au(s) + Cu^' 

104 In question 10 3 state what is oxidised to what and what is reduced to what in the 
reactions.expressed by the equations. 

10 5 Consider the following reactions that produce electricity in a galvanic cell 
(1) 2Fe’* + 2 Cf — 2Fc^' + Cb (g) 

(li) Cd(s) + I 2 — Cd^* + 2 1 

(iii) 2Cr(s) + 3Cu^' — 3 Cu (s) + 2 Cr” 

Write the anode and cathode reactions for the galvanic cell. Specify the nature of the 
anodes and cathodes, Write the cell in the usual notation. 

10.6 The charge of an electron is 1.60219 X 10 coulomb. Calculate the value of the 
Faraday constant, F 

(Hint; one mole electron is one Faraday) 

10.7 Write the anode reaction, the cathode reaction, and the net celt reaction lor the 
fallowing cells Which electrode would be the positive tciminal in each cell? 

(i) Zn (s) / II Br, Bri / Ft (s) 

(ii) Cr(s)/ Cr’V/ r,l 2 / Pt(s) 

(hi) Pt(s)/ H 2 (g)/ H*(aq)// Cu'*/Cu(s) 

10.8 Calculate the EMF of the cells formed by various combinations of the following 

standard half cells. Here, since we are considering standard cells ' olol 1-') 


(i) 

Zn(s)/Zn'‘* (aq) 

(iv) 

Ni(s)/Ni**' (aq) 

(ii) 

Cr(s)/Cr’‘ (aq) 

(V) 

Co(s)/cV‘(aq) 

(iii) 

Cu(s)/Cu^' (aq) 

(Vi) 

Ag(s)/Ag* (aq) 


Also calculate the standard potentials of such cells. 

10,9 Calculate the EMF ol the cell 

Pb (s)/Pb(NOj )2 (M,) I! HCl (M 2 )/Hj(g)/Pt(s) when 
( 1 ) Ml = O.IOOM, M 2 = 0,200 M; and Piu = 1.00 atm 
' (li) Ml = 1.050 M, M 2 = 1.00 M. and P „2 = 1.00 atm 
(ill) Ml = 1,00 M, Ma = 0.40 M, and Ph 2 = 1-00 atm 
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^ Acc. I 

|Dite.; 

10 10 With the help of Table 10 1, sdlict 'an" oklhisih|ligeiircapabt?orEraS®(errmg 
(i) CftoCli (u) ftolj 

(lii) Pb to Pb^" (iv) Fe^* to Fe’" 

and also select a reducing agent that can convert 
(i) Fe^^ to Fe (ii) Ag^ to Ag (iii) Al^^ to A1 


10 11 The observed EMF of the cell 

Pt (s)/H 2 (g) 1 atm/H" (3 X lO'V) // H\M,)/H 2 (g, 1 atm) 

Pt(s) IS 0 154. Calculate the value of Mi (This problem illustrates a most commonly 
used method for determining the pH of a solution). 

10,12 Calculate the oxidation number of all the atoms in the following compounds and ions 
PbS 04 , BrFj, CrOf, MnO; CH^, SbaOs, (NH 4 ) 2 S 04 , CaHiiOs 


10,13 


Balance the following redox reactions' 

(i) Copper reacts with nitric acid A brown gas is formed and the solution turns 
blue Cu + NO, —' NO 2 + Cu^* 

(ii) Cr(OH)4 + H 2 O 2 —• CrOl' + H 2 O (basic solution) 

(ill) Sn02 + C —Sn + CO 

(iv) FeiOi + C — Fe + CO 


10.14 


Write correctly balanced half reactions and the overall equations for the following 
skeletal equations. Also find out the change in the oxidation numbers of the underlined 
atoms' 


( 1 ) NO3 + Bi (S) — Bi^" + N02 

(ii) Fe (OH)2 (s) + .Fe(OH)3(s) + H2O 

( 111 ) Cr 20 ^) + C2H40'— C2H4O2 + Cf^ 

(iv) Mn 04 + H2C2O4 —" Mn^* + CO2 

(V) Al(s) +^0) - ^(0H)4 -f NHj 
Fe^^+Cr^* 


(vi) CrjO) + Fe'" -- 
(vii) MnOi + Br“-—* + Br 2 

(viii) Pb02 + Cr— CIO' + Pb (0H)3 

10.15 Starting with the correctly balanced half reactions write the overall net ionic reaction 
in the following changes 


in acid solution 
in basic solution 
in acid solution 
in acid solution 
in basic solution 
in acid solution 
in acid solution 
in basic solution 


(i) 

(ii) 

(iii) 

(iv) 
(V) 


Chloride ion is oxidised to CI 2 by Mn 04 
Nitrous acid (HNO 2 ) reduces MnO^ 
Nitrous acid (HNO 2 ) oxidises f to l 2 


Chlorate ion (CIO3) oxidises Mn to Mn02(s) 
Chromite ion (CrOs) is oxidised by H 2 O 2 


in acid solution 
in acid solution 
in acid solution 
in acid solution 
in strongly basic solution 


Also find out the change in the oxidation numbers of the underlined atoms. 






